2541 


wlectron  structu 


t 


< 


i 


V 

> 


» 


•  * 

*  I 


' 


Electron  Structures 


of  Organic  Molecules 


- 


r 


% 


Electron  Structures 


anic 


Molecul 


by  LLOYD  N.  FERGUSON 

Associate  Professor  of  Chemistry 
Howard  University 


PRENTICE-HALL,  INC. 
New  York  ^52 


Prentice-Hall  Chemistry  Series 
Wendell  M .  Latimer,  Editor 


Copyright,  1952,  by  Prentice-Hall,  Inc.,  70  Fifth  Avenue, 
New  York.  All  rights  reserved.  No  part  of  this  book  may  be 
reproduced  in  any  form,  by  mimeograph  or  any  other  means, 
without  permission  in  writing  from  the  publishers.  Printed  in 
the  United  States  of  America. 


Library  of  Congress  Catalog  Card  Number: 


52-12248 


CFTRI-MYSORE 


2541 

Elect  or,  otructu 


To  Professor  Gerald  E.  K.  Branch 

whose  reflective  scrutiny,  yet  penetrating  probe  of 

new  problems  has  drawn  the  admiration  of  the  author,  and 

To  Professor  Melvin  Calvin 

whose  unhesitating,  vigorous  attack  on  new  problems 
with  an  apparent  “learn-by-doing”  philosophy  has  often 
stimulated  initiative  in,  and  provided  inspiration  to, 
the  author. 


Prefi 


ace 


During  the  first  half  of  this  century  there  has  been  a  rapid  development  and  a 
marked  change  in  ideas  on  the  structure  of  matter.  In  the  past  decade,  the 
stress  has  been  on  the  nucleus,  but  much  is  still  to  be  learned  regarding  the 
electron  structures  of  molecules. 

This  book  is  an  attempt  to  assemble  most  of  the  widely  accepted  modern 
concepts  of  the  electron  distributions  of  organic  molecules  and  to  present  a 
general  description  of  the  more  direct  methods  through  which  these  viewpoints 
have  been  formed.  It  is  largely  a  qualitative  treatment  to  serve  as  an  intro¬ 
duction  to  this  phase  of  physical  organic  chemistry.  Detailed  theoretical 
discussions  on  many  of  the  topics  included  may  be  found  elsewhere,  but  it  is 
felt  that  a  completely  rigorous  treatment  may  obscure  some  of  the  broad 
fundamental  relationships  to  a  beginner. 

Very  few  of  the  viewpoints  expressed  in  this  book  originated  with  the 
author.  He  is,  therefore,  indebted  to  the  many  writers  who  have  preceded  him 
in  this  field  and  from  whose  monographs  he  has  used  data  or  presentations. 

The  author  takes  pleasure  in  acknowledging  the  benefit  of  stimulating 
discussions  with  Professor  Moddie  D.  Taylor,  and  is  grateful  to  Mrs.  Gladys 
Fletcher,  who  carefully  examined  the  manuscript  for  expression.  The  clerical 
work  provided  by  the  Chemistry  Department  of  Howard  University  and  the 
proof-reading  assistance  from  my  wife  are  indeed  appreciated. 

Lloyd  N.  Ferguson 

Washington,  D.  C. 
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In  tro  Auction 


Paralleling  the  development  of  present-day  concepts  of  the  structure 
of  the  atom  and  its  nucleus  has  been  the  evolution  of  the  current  ideas 
concerning  the  electron  structures  of  molecules.  Following  J.  J. 
Thompson’s  electronic  theory  of  chemical  combination  and  Lord 
Rutherford’s  proposal  of  the  planetary  particle  structure  of  atoms 
has  been  the  advent  of  experimental  techniques  and  apparatus  to 
make  possible  an  investigation  of  the  structure  of  matter.  Gradually 
the  initial  ideas  of  mysterious  affinities  between  atoms  have  been 
explained  in  terms  of  electrostatic  forces,  and  there  has  emerged  a 
picture  of  a  dynamic  electron  configuration  and  atomic  structure  of 
molecules. 


Organic  chemists  have  long  sought  correlations  between  properties 
and  chemical  constitution  of  organic  molecules  to  make  possible  a 
prediction  of  either  when  the  other  is  known.  The  goal,  of  course,  is 
to  be  able  to  plan  the  structure  of  a  molecule  which  would  possess  any 
desired  physical  or  chemical  property.  A  knowledge  of  the  interrela¬ 
tion  between  physical  properties  and  chemical  constitution  is  a  long 
step  in  this  direction,  besides  being  a  powerful  tool  for  the  characteriza¬ 
tion  of  compounds.  Two  groups  of  physical  properties  are  studied, 
one  determined  by  measurements  such  as  temperature,  surface  tension, 
viscosity,  density,  etc.,  and  the  other  by  observations  of  the  behavior 
of  molecules  toward  electromagnetic  energy.  The  properties  classified 
in  the  first  group  are  due  largely  to  intermolecular  forces,  and  conse¬ 
quently  do  not  reveal  as  much  information  about  the  electronic 
structure  of  a  molecule  as  do  those  in  the  second  group.1  It  is  this 


„  j'n  ^Physical  constant  called  refrachor  has  been  worked  out  by  S.  S.  Joshi 
;  5S1’  J:  Che™-Soc,  837  (1951)  which  is  based  on  the  parachor  and  the 
tvw  d  °  a  STlbstance-  The  refrachor  varies  with  the  type  of  atoms  and 

and  grouTTonsT  a,  mole°ular  structure,  and  once  the  values  of  atomic 
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second  group  of  physical  properties  with  which  this  book  is  more 
concerned.  But  just  as  a  murder  case  is  solved  with  the  aid  of  routine 
checks  of  character  and  fingerprints  of  the  suspects,  so  are  relationships 
between  structure  and  such  properties  as  melting  point,  boiling  point, 
solubility,  surface  tension,  density,  viscosity,  and  molecular  volume 
of  much  value  and  necessary  for  an  understanding  of  the  intrinsic 
relations  between  physical  properties  and  chemical  constitution. 
Utilization  of  such  physical  properties  is  illustrated  in  the  extensive 
application  of  what  Branch  and  Calvin2  call  structural  iteration, 
whereby  some  physical  property  of  a  related  series  of  compounds  is 
plotted  against  the  position,  according  to  structure,  of  each  member 
in  that  series.3  Usually  a  smooth  curve  is  obtained,  and  from  the 
curve  that  physical  property  may  be  estimated  for  some  member  for 
which  it  is  unknown.  Typical  examples  are  plots  of  the  viscosity  or 
boiling  point4  against  the  chain  length  of  homologous  series  of  alcohols, 
alkanes,  or  fatty  acids,  and  the  region  of  the  spectrum  of  light  absorp¬ 
tion  (Sec.  9.3)  against  the  number  of  ethylenic  groups  in  a  series  of 
polyenes. 

Physical  organic  chemists  have  been  investigating  the  electron 
structures  of  organic  molecules  from  two  aspects:  the  structure  of 
molecules  either  when  in  the  normal  condition,  or  when  in  a  state  ol 
reaction.  This  book  is  concerned  with  only  the  former  phase,  so  that 
interesting  and  important  topics  such  as  the  chemistry  and  significance 
of  aliphatic  free  radicals  and  carbonium  ions,  molecular  rearrange¬ 
ments,  displacement  reactions,  and  kinetics  will  be  omitted.  The 
experimental  methods  that  serve  as  the  most  powerful  tools  for  study¬ 
ing  the  charge  distribution  of  molecules  are  measurements  of  electron 
and  x-ray  diffractions,  Raman,  infrared,  ultraviolet,  and  microwave 
spectra,  and  magnetic  and  electric  dipole  moments.  Because  similar, 
but  not  identical,  deductions  can  be  drawn  with  data  from  such 
measurements,  it  is  really  insufficient  just  to  know  of  such  measure¬ 
ments,  but  expedient  to  see  the  advantages  of  each  for  reaching  an 


2  G.  E.  K.  Branch  and  M.  Calvin,  The  Theory  of  Organic  Chemistry,  Prentice- 

Hal] ’^number  of  such  cases  has  been  presented  and  discussed  by  Leermakers  and 
Weissberger  in  Chapter  23  of  Gilman’s  Organic  Chemistry,  2d  ed.,  Vol.  11,  VViley, 

Ne*  OEgloff?  j"  Sherman,  and  R.  B.  Dull,  J.  Phys.  Chem  U  730  (1940)  have 
calculated  the  boiling  points  of  31  homologous  series  of 

means  of  the  equation  T  -  a  log  (n  +  6)  +  k,  where  ».  the  number  of ^carbon 
atoms  in  the  molecules,  a  and  h  are  constants  evaluated  from  experii  * 
for  normal  alkanes,  and  k  is  a  constant  which  varies  from  senes  £  senes.  Tl I 
mean  deviation  between  calculated  and  observed  values  was  only  0.,  C  for  143 

hydrocarbons. 
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unequivocal  solution  of  a  problem.  This  requires  an  understanding 
of  what  specific  information  may  be  obtained  from  the  various  meas¬ 
urements,  and  the  limitations  of  each.  An  attempt  will  be  made  to 
provide  this  background  by  discussing  briefly  the  theoretical  founda¬ 
tions  and  actual  experimental  observations  of  each  method,  and  by 
illustrating  their  application  in  the  elucidation  of  chemical  structure. 
It  is  a  well-recognized  fact  that  the  greater  the  experimental  data 
that  substantiate  the  same  conclusion,  the  greater  is  the  confidence 
that  can  be  placed  on  the  solution  to  any  problem,  so  that  it  is  common 
practice  to  measure  more  than  one  of  these  properties  of  a  new  sub¬ 
stance  (Chapter  11).  For  example,  many  chemical  and  physical 
methods  were  combined  to  work  out  the  structures  of  the  penicillins,5 
while  a  particularly  difficult  problem  to  solve  is  that  of  the  structures 
of  the  boranes.6 

The  electrical  nature  of  the  interatomic  bonds  within  a  molecule 
are  chiefly  responsible  for  its  interaction  with  electromagnetic  energy ; 
consequently,  consideration  will  be  given  first  to  the  various  types  and 
the  nature  of  chemical  bonds. 

5  N.  R.  Trenner,  Anal.  Chem.,  22,  405  (1950). 

*A.  N.  Webb,  J.  T.  Neu,  and  K.  S.  Pitzer,  J.  Chem.  Phys.,  17,  1007  (1949); 
J.  Y  Beach,  Annual  Review  of  Physical  Chemistry ,  Vol.  1,  Annual  Reviews,  Inc  ’ 
Stanford,  Calif.,  1950,  pp.  204  ff. 


2 


Types  of  Ch  emical 
Bonds 


2.1  Definition  of  a  chemical  bond 

During  the  nineteenth  century,  chemists  followed  an  adaptation  of 
A.  S.  Couper  and  A.  Kekule  in  using  dashes  to  diagram  bonds  between 
atoms,  but  little  was  known  about  the  nature  of  tjiese  bindings.  For 
instance,  all  nitrogen  bonds  of  R3NO  and  HN03  were  considered  to 
be  of  the  same  type  of  valency.  The  evolution  of  the  electrical  concept 
of  matter,  marked  by  such  names  as  Thompson,  Rutherford,  and 
Noyes  led  to  the  valence  theories  of  Lewis  and  of  Kossel. 

In  1916,  Lewis1  and  Kossel2  independently  proposed  that  the 
elements  strive  to  attain  the  electronic  structures  of  the  nearest  inert 
elements,  but  the  two  theories  differed  in  that  Kossel  said  that  an 
element  may  lose  all  the  electrons  in  its  outer  shell,  while  Lewis  sug¬ 
gested  a  novel  idea,  the  “sharing ”  of  electrons.  Many  other  attempts3 
to  give  a  satisfactory  description  of  valency,  by  such  men  as  Abegg, 
Noyes,  Fry,  Ramsay,  Stark,  Parson,  Falk,  and  Nelson,  delayed  accept¬ 
ance  of  the  Lewis  theory.  In  1919,  Lewis’  theory  was  expanded  by 
Langmuir,4  who  termed  the  two  classes  of  valence  bonds  covalent  and 
electrovalent.5 

A  number  of  definitions  of  a  chemical  bond  have  been  given,6  and 

1  G.  N.  Lewis,  J.  Am.  Chem.  Soc.,  38,  762  (1916);  see  also  G.  N.  Lewis,  J .  Chem. 
Phys.,  1,  17  (1933). 

2  W.  Kossel,  Ann.  phys.,  49,  229  (1916). 

3  K.  Fajans,  Chem.  Eng.  News,  27,  900  (1949)  has  proposed  recently  a  new 
theory  of  molecular  structure,  the  quanticule  theory,  which  differs  considerably 
from  classical  valence-bond  theory  and  its  electronic  interpretations.  Time  will 
reveal  the  success  of  this  proposal  to  correlate  molecular  structure  with  properties 
of  molecules. 

4 1.  Langmuir,  J.  Am.  Chem.  Soc.,  41,  868,  1543  (1919). 

6  It  is  common  to  refer  to  molecules  made  up  of  covalent  bonds,  which  are 
usyally  organic,  as  covalent  compounds,  and  those  made  up  of  electrovalent 
bonds,  usually  inorganic,  as  electrovalent  or  polar  substances. 

6  See  for  instance  those  of  L.  Pauling,  Nature  of  the  Chemical  Bond,  2d  ed., 
Cornell  University  Press,  Ithaca,  1940,  p.  3,  and  of  G.  W.  Wheland,  Advanced 
Organic  Chemistry,  Wiley,  1949,  p.  31. 
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Types  of  chemical  bonds 

since  the  purpose  of  a  definition  is  clarification  and  reference,  one  will 
be  adopted  for  this  discussion.  The  force  of  attraction  between  two 
atoms  may  vary  over  a  large  range,  and  it  is  quite  arbitrary  to  say 
when  they  have  formed  a  chemical  bond.  A  chemist  is  primarily 
interested  in  molecular  particles  whose  structure  and  composition  are 
constant  and  persist  long  enough  to  permit  observation  of  their 
behavior  under  chosen  conditions.  It  seems  convenient  to  say  then, 
that  a  chemical  bond  exists  between  two  or  more  atoms  when  the  forces 
acting  between  them  is  of  sufficient  strength  that  the  group  behaves  as  an 
independent  atomic  aggregate. 

This  definition  includes  forces  as  weak  as  those  found  in  hydrogen 
bonds  but  excludes  the  weaker  intermolecular  van  der  Waals  forces 
and  those  ion  dipole  bonds  of  hydrated  ions  whose  structures  are  not 
permanent  enough  to  permit  determination  of  their  composition  and 
structure.  To  be  more  complete,  a  statement  of  conditions  should  be 
included  in  the  above  definition,  for  although  two  iodine  atoms  may 
be  bonded  together  at  room  temperature,  they  surely  are  not  when 
exposed  to  a  temperature  of  5000° C  or  to  radiations  of  extremely  high 
energy.  On  the  basis  of  the  definition  given  above,  it  is  found  that 
at  room  temperature  the  minimum  attractive  force  to  be  considered 
a  chemical  bond  is  about  3  to  5  kcal. 

It  has  been  convenient  to  classify  bonds  as  polar  or  nonpolar,  but 
the  classification  is  a  loose  one,  for  the  change  from  one  type  to  the 
other  is  gradual,  and  bonds  are  found  of  intermediate  type.  As  will 
be  shown,  both  types  are  probably  due  to  electrostatic  attraction. 

2.2  The  ionic  bond 

The  strongest  of  the  polar  bonds  is  the  ionic  bond  to  be  found,  for 
example,  in  a  gaseous  sodium  chloride  molecule.  A  close  approxima¬ 
tion  of  its  strength  can  be  made  by  assuming  that  the  force  of  attrac- 
tion,  /,  between  the  positive  sodium  ion  and  the  negative  chloride  ion 
follows  Coulomb’s  law,  /  =  —  e2/r,  where  e  is  the  magnitude  of  the 
electronic  charge  and  r  is  the  interionic  distance.  Accordingly,  the 
energies  of  ionic  bonds  between  two  oppositely  charged  monovalent 
ions  of  gaseous  molecules  are  of  the  order  of  magnitude  of  125  kcal 
mol-1. 

Since  individual  molecules  of  ionic  substances  do  not  exist  at 
normal  temperatures,  the  best  examples  of  ionic  bonds  are  the  inter¬ 
atomic  forces  in  ionic  crystals.  Here  each  ion  is  surrounded  by  a 
certain  number  of  ions  of  opposite  charge,  and  it  is  impossible  to 
consider  any  particular  cation  as  being  bound  solely  to  a  given  anion. 
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[2.3 


Between  any  given  ion  and  its  neighboring  ions  there  are  coulombic 
forces  without  directional  properties,  and  the  number  of  nearest 
neighbors,  or  bonds,  is  determined  largely  by  such  factors  as  ionic 
charges  and  the  ratio  of  ionic  radii.  Inasmuch  as  few  organic  mole¬ 
cules  possess  these  ionic  bonds,  little  will  be  said  about  them.  A 
comparison  with  covalent  bonds  is  made  in  Sec.  2.5  after  the  discussion 
of  the  latter  type  of  bond.  Excellent  treatments  of  ionic  crystals  have 
been  given,  in  addition  to  others  by  L.  Pauling7  and  0.  K.  Rice.8 

2.3  The  ion-dipole  bond 

A  second  type  of  polar  bond  is  brought  about  by  the  interaction 
between  an  ion  and  a  dipole.  In  a  so-called  polar  molecule,  the  center 
of  positive  charge  does  not  coincide  with  the  center  of  negative  charge, 
although  the  molecule  as  a  whole  may  be  neutral;  hence  the  negative 
end  will  be  attracted  by  a  positive  charge  and  the  positive  end  by  a 
negative  charge.  For  instance,  the  polar  molecules  of  water,  ammonia, 
and  alcohol,  are  strongly  attracted  by  cations  as  in  Fe(H20)6+++.  In 
some  cases  this  force  will  be  sufficiently  strong  to  be  classified  as  a 
bond  according  to  the  definition  adopted  for  this  book,  but  since  the 
charge  on  either  end  of  the  polar  molecule  is  not  as  great  as  that  of  a 
univalent  ion,  the  ion-dipole  bond  is  much  weaker  than  an  ionic  bond. 
In  many  cases,  solvates  of  crystallization  (ammoniates,  alcoholates, 
hydrates)  in  salts  are  held  by  such  bonds.  Such  an  explanation  is  in 
agreement  with  the  fact  that  the  solvates  usually  are  lost  over  sulfuric 
acid  at  room  temperature,  or  driven  off  by  moderate  heating. 


2.4  The  covalent  bond 

It  is  easy  to  believe  that  the  stability  of  the  hydrogen  molecule  is 
not  due  to  a  simple  ionic  bond,  because  the  two  hydrogen  atoms  are 
identical  and  neither  can  be  expected  to  give  up  entirely  its  electron 
to  the  other  to  produce  the  oppositely  charged  particles,  a  proton  an 
a  hydride  ion.  Lewis  first  postulated  the  fundamental  mannei  y 
which  the  atoms  of  such  neutral  molecules  as  H2,  N2,  Cl2,  CH4,  etc., 
can  be  bonded  together.  He  stated  that  each  hydrogen  atom,  for 
example,  of  the  hydrogen  molecule  can  contribute  its  one  electron o 
form  an  electron  pair  which  will  be  common  to  both  atoms  Throug 
this  sharing  process,  the  pair  of  hydrogen  atoms  are  attached  to  one 

i  L.  Pauling,  Nature  of  the  Chemical  Bond,  Cornell  University  Press,  Ithaca, 

194?bCKPR\ce,  Electronic  Structure  and  Chemical  Binding,  McGraw-Hill,  New 
York,  1940,  Chap.  14. 
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another  by  what  Langmuir  later  termed  a  covalent  bond.  In  the  same 
way,  each  hydrogen  atom  of  methane  forms  a  covalent  bond  with 
carbon,  indicating  that  carbon  has  a  covalency  of  four. 

H 

H  :  C  :  H 
H 

However,  before  a  detailed  consideration  is  given  to  the  covalent 
bond,  it  will  be  worth  while  to  review  atomic  orbitals  briefly. 

2.4a.  Shape  of  atomic  orbitals.  Many  experimental  observa¬ 
tions  have  been  made  from  which  conclusions  could  be  drawn  con¬ 
cerning  the  number  of  electrons  that  are  associated  with  each  type  of 
elemental  atom,  and  the  spatial  arrangement  of  these  electrons.  Thus 
it  has  been  supposed  for  many  years  that  the  electrons  surround  the 
nucleus,  that  there  are  discrete,  successive,  concentric  volumes,  usually 
called  shells,  which  will  accommodate  a  definite  number  of  electrons 


Fig.  2.1. 


Representation  of  the  atomic  Is  orbital,  (a)  in  perspective,  and  (b)  in 
cross  section  through  the  nucleus. 


(2nJ,  where  n  is  the  shell  number  beginning  from  the  smallest  shell) 
and  that  the  electrons  are  most  likely  to  be  found  in  definite  regions 
withm  each  shell,  called  orbitals.  These  orbital  types,  distinguished' 
by  the  angular  momentum  which  an  electron  will  exhibit  when  located 
in  a  given  type  of  orbital,  irrespective  of  the  shell  in  which  it  occurs 
are  of  four  types*  differing  in  characteristic  geometric  properties  The 
orbitals  are  referred  to  as  S,  p,  d,  and  /  orbitals,  and  in  a  given  shell 

shells  0M  S’i  ‘r  Vi  fiTC  and  S6Ven  /  °rbitals-  The  successive 
ells  going  out  from  the  nucleus,  are  designated  K,  L  M  N  O  P 

nulbCTsWofhlC2rT40nkdrg  qUantum'  or  energy’ reference 

are  the  4s  I'd  ’  A  V’  u  ,  HenCe’  the  0rbitals  in  the  N  ^ell 
are  tne  4s,  4p,  4 d,  and  4/  orbitals. 

elements  llZfuT'*  ^  W°Uld  be  °bserved  were  ™">her  of  chemical 
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The  s  orbitals  are  spherically  symmetrical  about  the  nucleus  as 
illustrated  in  Fig.  2.1.  In  this  chapter,  diagrams  representing  con¬ 
figurations  of  orbitals  are  those  of  A.  C.  Noller,  J.  Chem.  Education, 
27,  504  (1950).  The  three  p  orbitals  resemble  dumbbells,  as  illus- 


Fig.  2.2.  Perspective  representation  of  the  Px,  Pv,  and  Pt  atomic  orbitals. 


trated  in  Fig.  2.2,  and  are  oriented  perpendicular  to  each  other  in  the 
x,  y,  and  z  directions.  The  complexity  of  the  d  and  /  orbitals  makes  it 
increasingly  harder  to  represent  them  by  structural  diagrams,  although 
the  d  orbitals  can  be  considered  as  directed  along  the  slant  edges  of 
a  pentagonal  pyramid  with  the  nucleus  at  the  apex.10 


d< 


Set  of  three  p  orbitals 


Set  of  five  d  orbitals 


0 

2  4b  Relative  energies  of  atomic  orbitals.  Due  to  the  electro¬ 
static  attraction  of  the  positive  nucleus  for  the  negative  electrons,  the 
latter  will  occupy  orbitals  as  close  to  the  nucleus  as  ^  Possible  The 
decreasing  order  of  attraction  of  the  nucleus  for  orbital  dec Hons  - 
S  V  d  f  and  it  has  been  deduced  from  experiment  that  the  lelati 
energies  of  all  the  atomic  orbital  types  are  approximately 
grammed  in  Fig.  2.3.  Hence  there  is  a  greater  tendency  for  an  eke 
to  occupy  a  2s  than  a  2p  orbital,  and  a  2p  than  a  3s  orbital  Neve 
w  no  more  than  two  electrons  can  occupy  a  given  orbital,  and  tnen 

only  when  their  spins  are  antiparallel,  that  is,  affected  in  opposite  ways 
only  when  tneir sp  i  for  a  given  principal 

by  a  magnetic  field.  It  can  De  seen,  ,  fn|irtppn  /  elec- 

quantum  number  there  will  be  two  s,  six  p,  ten  d,  and  fourteen  J 

10  G.  E.  Kimball,  J.  Chem.  Phys.,  8,  194  (1940). 
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trons,  provided  the  total  number  of  electrons  does  not  exceed  the 
value  2 n2  where  n  is  the  principal  quantum  number. 

The  progressive  building  up  of  electron  distributions  of  atoms  as 
the  atomic  number  increases  is  found,  chiefly  from  spectroscopic  data 


Principal 

quantum  number  =  1 
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h  ig.  2.3.  Relative  energies  of  atomic  orbital  types.  The  circles  represent  orbitals, 
which  may  be  occupied  by  one  electron,  or  two  of  opposite  spins.11 


and  ionization  potentials,  to  be  in  accordance  with  four  general 
principles: 

1.  The  electrons  will  enter  the  orbital  of  lowest  energy  available. 

2.  At  any  one  energy  level,  the  electrons  will  tend  to  occupy 
separate  orbitals  (Hund  rule). 

3.  In  any  one  atom,  only  two  electrons  can  be  in  the  same  orbital, 
and  then  only  if  their  spins  are  antiparallel  (Pauli  principle). 

1940,  p.  26UUng’  NatUre  °f  tke  Chemical  Bond>  Corne11  University  Press,  Ithaca, 
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4.  Energy  levels  tend  to  become  completely  full,  or  exactly  half 
full,  of  electrons. 

On  the  basis  of  these  principles,  it  is  possible  to  work  out  the  elec¬ 
tron  distributions  of  the  elements  with  only  a  few  exceptions.  Also, 
there  are  several  empirical  rules12  to  serve  as  guides  which  help  to 
circumscribe  the  apparent  anomalies.  That  of  Carroll  and  Lehrman, 
called  the  (n  +  l )  rule,  has  the  closest  relationship  to  theory,  which 
states,  in  the  successive  building  up  of  the  electron  structures  of  the 


12  B.  Carroll  and  A.  Lehrman,  J.  Chem.  Education,  25,  662  (1948);  L.  M. 
Simmons,  J.  Chem.  Education,  25,  698  (1948);  R.  W.  Hakala,  J.  Chem.  Education, 
25,  229  (1948);  Pao-fang  Yi,  J.  Chem.  Education,  24,  567  (1947);  Y.  Ta,  Ann. 
phys.,  (12)  1,  93  (1946). 
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13  Values  and  symbols  from  W.  F.  A 
B.  McCutchon,  J.  Chem.  Education,  27,  17 
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,  Science,  105,  514  (1947),  and  G.  Herzberg, 
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elements  as  the  atomic  numbers  increase,  the  electrons  will  enter  the 
orbitals  in  order  of  the  lowest  (n  +  l)  value,  and  when  two  levels  have  the 
same  (n  +  l)  value,  the  electrons  will  go  into  that  orbital  of  lowest  n  value. 
The  energy  difference  between  states  with  different  l  and  equal  n 
values  is,  in  general,  smaller  than  that  between  states  with  different 
n  values.  The  symbols  n  and  l  have  the  following  significance . 

n  =  principal  quantum  number,  with  the  values  1,  2,  3,  4,  5,  6, 
or  7,  corresponding  to  the  K,  L,  M,  N,  O,  P,  or  Q  shell; 

l  =  orbital  angular  momentum  quantum  number  with  the  values 
0,  1,  2,  3,  •  •  •  (n  —  1),  corresponding  to  s,  p,  d,  f,  •  •  •  orbitals. 

The  term  5p6  then  corresponds  to  an  n  value  of  5  and  an  l  value  of 
1.  It  means  that  there  are  six  electrons  in  the  p  orbitals  of  the  fifth 
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or  O  shell.  According  to  the  (n  +  l)  rule,  to  which  there  are  very  few 
exceptions,  the  order  of  increasing  energy  of  orbitals  is  Is,  2s,  2 p,  3s, 
3 P,  4s,  3d,  4 p,  5s,  6s,  4/,  5 d,  6p,  7s,  5/,  •  •  •  .  Notice  that  the  4/,  5 d, 
6p,  and  7s  orbitals  each  have  an  (n  +  l)  value  of  seven,  and  therefore 
are  in  order  of  increasing  n  values. 

I  he  scheme  of  Hakala12  to  determine  this  same  series  seems  very 
easy  to  remember  and  apply.  The  order  of  orbitals  is  obtained  by 

following  the  pattern  of  the  arrows 
f  d  p  >s  shown  in  Fig.  2.4. 

The  electron  structures  of  the  ele¬ 
ments  are  given  in  Table  2. 1 ;  they  are 
determined  primarily  from  absorp¬ 
tion  spectra14  of  compounds  in  solu¬ 
tions  or  emission  spectra  of  atoms 
or  ions.  Apart  from  spectroscopic 
evidence,  studies  of  chemical  proper¬ 
ties  such  as  oxidation  states15  and 
electrovalences  are  also  of  value 
in  assigning  electron  structures.16 
Thus  it  is  found  that  a  chemical 
periodicity  coincides  with  a  spectro¬ 
scopic  periodicity. 

It  is  noteworthy  how  the  four 
principles  above  concerning  the  elec¬ 
tron  distributions  of  elements  ac¬ 
count  for  the  trend  of  ionization  potentials  of  the  elements  (Fig.  2.5). 
It  is  harder  to  ionize  helium  than  hydrogen  because,  although 
their  electrons  are  approximately  equally  distant  from  the  nuclei,  the 
electrons  of  helium  are  held  more  firmly  by  the  larger  positive  nuclear 
charge.  The  same  sequence  is  found  for  lithium  and  beryllium,  whose 
outer  electrons  are  in  a  2s  orbital,  but  because  of  the  greater  distance 
from  the  nuclei  and  in  spite  of  the  larger  nuclear  charges,  the  electrons 
are  more  easily  removed  than  those  of  hydrogen  and  helium.  The 
ionization  potential  of  the  next  element,  boron,  is  a  little  less  than  that 
of  beryllium  due  to  the  greater  distance  from  the  nucleus  of  the  2 p 
orbital,  and  the  potentials  of  carbon  and  nitrogen  increase  over  that 

14  G.  Herzberg,  Atomic  Spectra  and  Atomic  Structure ,  Dover  Publications,  New 
York  1944. 

16  G.  T.  Seaborg,  Science,  104,  379  (1946).  .  . 

16  Predictions  of  electron  configurations  from  quantum  mechanical  calculations 
usually  agree  moderately  well  with  experimental  results.  See  for  instance,  those 
of  M.G.  Mayer  [Phys.  Revs.,  60,  184  (1941)]  and  of  T.  Wu  and  S.  Goudsmit 

[Phys.  Revs.,  43,  496  (1933)]. 


Fig.  2.4.  Empirical  scheme  for 
determining  sequence  of  energies  of 
atomic  orbitals. 
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of  boron  owing  to  the  greater  nuclear  charges.  However,  at  nitrogen, 
the  2 p  orbitals  are  half  filled,  so  that  in  going  to  oxygen,  which  has 
four  2 p  electrons,  it  is  easier  to  remove  an  electron  than  it  is  from 
nitrogen  (principle  four,  page  10)  in  spite  of  the  greater  nuclear  charge 


Fig.  2.5.  Ionization  potentials  of  the  elements.17 

of  oxygen.  In  similar  fashion,  the  sequences  of  ionization  potentials 
of  the  rest  of  the  elements  can  be  explained. 

2.4c.  Molecular  orbitals  and  covalent  bonds.18  When  two 
hydrogen  atoms  bond  to  form  the  hydrogen  molecule,  their  s  orbitals 


Fig.  2.6. 


Representation  of  the  <r-type  molecular  orbital  of  the  hydrogen  molecule. 


overlap,  and  the  pair  of  electrons  can  encompass  both  nuclei  as  indi¬ 
cated  in  Fig.  2.6.  The  new  orbital  which  describes  the  time-average 
position  of  the  bonding  pair  of  electrons  is  called  a  molecular  orbital 
because  it  is  responsible  for  the  formation  of  molecules.  Like  the 
atonuc  orbitals,  molecular  orbitals  obey  the  Pauli  exclusion  principle 
in  that  only  two  electrons  can  occupy  the  same  orbital  and  then  only 

YorkOm0,pi97£te,r'",<C  S‘rUClUre  and  ChemiCal  McGraw-Hill,  New 

cC.CS*:  2?’  504  (1950):  C-  A-  Oaarl.  Rev. 
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if  their  spins  are  antiparallel.  The  more  the  individual  atomic  orbitals 
of  two  nuclei  can  coincide  or  overlap,  the  greater  the  tendency  for 
their  electrons  to  occupy  the  same  molecular  orbital,  and  the  stronger 
is  the  covalent  bond.  Since  the  molecular  orbital  formed  from  two 
atomic  orbitals  is  symmetrical  about  the  line  joining  the  two  nuclei,  it 
resembles  an  s  atomic  orbital  and  is  called  a  o--type  orbital. 

The  molecular  orbital  represents  the  time-average  position  of  the 
bonding  pair  of  electrons,  but  at  the  same  time  the  electron  density 
varies  within  the  orbital.  For  instance,  the  greatest  electron  density 
is  between  the  two  nuclei,  and  the  configuration 

e~ 


H+  H+ 


is  a  good  representation  of  the  hydrogen  molecule.  By  forming  a 
molecular  orbital,  each  electron  is  electrostatically  attracted  by  two 
nuclei  instead  of  one,  and  as  a  result,  the  hydrogen  molecule  is  more 
stable  than  two  isolated  hydrogen  atoms  by  103  kcal/mol.  This 
explains  the  energy  of  a  covalent  bond,  which  it  can  be  seen  is  due  to 
electrostatic  forces. 

It  is  noteworthy  that  in  general  it  will  be  unpaired  electrons  of  an 
atom  that  are  available  for  molecular  orbital  formation,  that  is, 
covalent  bond  formation,  and  this  is  one  factor  that  determines  the 
covalency  of  an  element.  For  example,  the  covalencies  of  3,  2,  2,  and 
1,  respectively,  for  nitrogen,  oxygen,  sulfur,  and  fluorine  are  predict¬ 
able  from  their  electron  distributions. 
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2  4d  Direction  of  bond  orbitals.  Since  an  s  orbital  is  spherical, 
it  can  overlap  another  orbital  equally  in  all  directions  and  the  tendency 
o  bond  is  equal  in  all  directions.  The  P  orbitals  -e  -dual.y  per¬ 
pendicular  to  one  another  and  therefore  he.r  overlap jrth^ther 
orbitals  is  greatest  in  directions  norma  o  one 
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quently,  elements  using  p  orbitals,  such  as,  nitrogen,  oxygen,  and 
sulfur,  tend  to  form  bonds  making  angles  of  90°  with  each  other  as 
illustrated  in  Fig.  2.7.  Accordingly,  the  H — S — H  bond  angle  of 
H2S  is  found  to  be  92°20'. 

Oxygen  too  should  form  bonds  making  an  angle  of  90°  with  each 
other,  but  the  angle  is  found  to  be  100°  in  OF2,  105°  in  H20,  and  111° 
in  (CH3)20.  The  discrepancy  is  due  to  the  repulsion  between  the 
atoms  or  groups  attached  to  oxygen,  which  spreads  the  bond  angles. 
Although  the  hydrogen  atoms  in  water  are  small  enough  not  to  be 
crowded  against  one  another,  it  will  be  shown  later  that  there  is  con¬ 
siderable  ionic  character  in  the  O — H  bond  which  produces  fractional 
positive  charges  on  the  two  hydrogen  atoms  and  causes  an  electrostatic 
repulsion  between  them.  When  attached 
to  the  larger  sulfur  atom  in  H2S,  the  two 
hydrogen  atoms  are  farther  apart,  so  that 
there  is  less  repulsion  between  them.  For 
the  same  reasons,  the  Cl — S — Cl  bond 
angle  of  SC12  (103°)  is  smaller  than  the 
Cl— O— Cl  bond  angle  (115°)  of  OCl2. 

The  electron  configuration  of  phospho¬ 
rus,  ls22s22p63s23p3,  and  that  of  nitrogen, 
l$22s23p3,  show  that  both  elements  have 
three  unpaired  p  electrons  available  for 
bond  formation  and  therefore  should  have 
90  bond  angles.  In  PH3,  the  phosphorus 

bond  angles  are  93°,  whereas  in  NH3,  the  nitrogen  bond  angles  are  106° 
Here  again  spacial  requirements  about  the  smaller  nitrogen  atom  cause 
aiger  bond  angles  about  nitrogen  than  are  found  about  phosphorus. 

.  e.  Hybridization  of  bond  orbitals.  According  to  the  number 

unpaired  electrons  m  the  electron  distributions  of  beryllium  ls22s2- 
boron  Top1;  and  carbon,  l«*jp.;  covalences  of  0,7’ and  2’ 
espectively,  would  be  expected  for  these  elements.  However  there 

posas7e  and"  „T  7  at°mS  ‘°  ™  °f  ^  orbital!  Z 

possible,  and  foi  the  purpose  of  bond  formation  the  2s  nrhital  «  i 

7h  of°rwhidrCan  lTCOmbined  t0  give  two  °P  orbitals  (Fig  2  S) 

"  hybrid  ir|„„|.  k  f  "ll",'  lL  1 11 ° 

uses  two  sp  hybrid  atomic  nrhH  i  f  18°  ’  h  06  an  atom  which 
atoms  will  form  a  linear  mole  ^  YPe  b°nds  with  two  other 

ion  or  the  gaseous  H^flTiolecuie.  ^  ^  ^ 

An  s  orbital  and  two  p  orbitals  can  undergo  hybridization  for  the 


Fig.  2.7.  Overlapping  of 
atomic  orbitals  to  give  two 
cr-type  molecular  orbitals  in 
the  H2S  molecule. 
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purpose  of  bond  formation  to  give  three  new  hybrid  orbitals  designated 
sp2  orbitals.  These  three  orbitals  (Fig.  2.9)  make  angles  of  120°  with 
each  other  and  lie  in  a  plane.  Hence  an  atom  that  uses  three  sp 2 
hybrid  atomic  orbitals  for  cr-bond  formation  with  three  other  atoms 


Fig.  2.8. 


(a)  (b) 

Cross  section  of  (a)  a  single  sp  hybrid  atomic  orbital,  and  (b)  two  sp 

hybrid  orbitals. 


will  form  a  planar  molecule  with  bond  angles  of  120°  as  is  observed 

for  BC13.  .  , 

Finally,  an  s  orbital  and  three  p  orbitals  can  be  amalgamated  to 

form  four  sp3  hybrid  orbitals  which  are  arranged  tetrahedrally  to 
make  angles  of  109°28'  with  each  other  (Fig.  2.10).  Therefore  if 
carbon  promotes  one  of  its  2s  electrons  to  a  2 p  orbital,  the  orbitals 


can  combine  to  form  four  sp3  hybrid  orbitals,  and 

overlap  with  other  atomic  orbitals  to  form ^  ™  Lation 

orbitals,  the  bond  angles  of  carbon  will  be  109  28  Tb**yb 

was  first  postulated  by  [hsitall  itsv^ences^re  identical, 

tetracovalent  instead  of  divalent  and  that  ah^  ^  orbitals  is 

The  combination  of  orbitals  to  form  ^  ^  ^  ^  moved  up  t0  , 

necessary,  for  if  one  of  the  •  orbitals  for  bond 

2p  orbital,  and  carbon  were  to  use  one  s  and  three  p 

19  l.  Pauling,  J.  Am.  Chem.  Soc.,  53,  1367  (1931). 
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formation,  one  valence  of  carbon  would  be  different  from  the  other 
three,  but  it  is  well  established  that  there  is  only  one  monosubstitution 
product  of  methane.  It  is  found  that  four  sp 3  hybrid  orbitals  lead 
to  stronger  bond  formation  than  one  s  and  three  p  orbitals  (Table  2.3), 


Fig.  2.10.  Cross  section  of  (a)  single  sp3  hybrid  orbital,  and  (b)  perspective  of 

four  sp3  hybrid  orbitals. 

and  the  energy  difference  is  more  than  enough  to  bring  about  uncou¬ 
pling  of  the  two  2s  electrons  plus  promotion  of  ofie  to  the  2 p  energy 
level. 

Hybridization  is  quite  common,  and  in  Table  2.2  are  found  a 


Table  2.2 


Some  Hybrid  Bond  Orbitals  and  Their  Configurations 20 


Covalency 

Orbital  type 

Configuration 

2 

sp 

Linear 

sp  or  dp 

Linear 

P2 

Angular 

3 

sp 2 

Trigonal 

P3 

Trigonal  pyramid 

4 

sp3 

Tetrahedral 

dsp 2 

Tetragonal  plane 
(square  planar) 

d2p2 

Tetragonal  plane 

5 

dsp3 

Trigonal  bipyramid 

6 

d2sp3 

Octahedral 

8 

d*sp3 

Dodecahedral  with  tri¬ 
angular  faces 

Illustrative  molecule  or  ion 


Ag(NH3)2+,  HgClj 
Iz~ 

h2o,  h2s 

BCla,  S03- 
PC13,  NH3 
CH4,  Ni(CO)4,  SiCl< 
Ni(CN)r 

IC14- 

PC16,  Fe(CO)6 

SF 6,  SeF 6,  most  Werner  octa¬ 
hedral  complexes 
Mo(CN)g”  “ 


m  Inorganic  ^ted’  Modern  Advances 
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Table  2.321 


Relative  Strength  of  Bond  Types 


Type  of  Bond 

Directional  character 

Relative  strength 

s 

Nondirectional 

1 

V 

Mutually  orthogonal 

V3  =  1.732 

d 

Slant  edges  of  pentagonal  pyramid 

2.236 

sp3 

Tetrahedral 

2 

dsp 2 

Tetragonal  plane 

2.694 

d2sp3 

Octadredal 

..  2 . 923 

dsp 

3.00 

Set  of  four  spz  hybrid 
orbitals  (tetrahedral) 


Set  of  four  sdp 2  hybrid 
orbitals  (square  coplanar) 


Set  of  five  dsp 3  hybrid 
orbitals  (trigonal  bipyramid) 


6 

Set  of  six  d-spz  hybrid 
orbitals  (octahedral) 


Fig.  2.11.  Bond  directions  of  some  orbital  types. 


number  of  observed  hybrid  bond  types,  compounds  in  which  they  are 
found  and  the  geometric  configurations  about  the  coordinated  atoms. 
Several  other  types  of  hybrid  bonds  have  been  postulated™  and  await 
only  verification  from  experimental  observation  of  molecular  struc¬ 
tures.  The  relative  strengths  of  some  pure  and  hybrid  bonds  are 
listed  in  Table  2.3.  Finally,  the  bond  directions  of  several  orbital 


types  are  sketched  in  Fig.  2.11. 
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2.4f.  Double  and  triple  bonds.  The  maximum  energy  is  released 
when  a  carbon  atom  using  sps  hybrid  orbitals  forms  four  single  cr-type 
bonds  with  four  other  atoms,  but  it  can  also  form  multiple  bonds  as  in 
ethylene  or  alkyl  cyanides.  These  compounds  are  formed  by  the 
carbon  atoms  using  sp2  or  sp  hybrid  orbitals. 

Thus,  in  ethylene,  each  carbon  atom  uses  three  sp 2  hybrid  orbitals; 
one  overlaps  the  sp 2  orbital  of  the  other  carbon  atom,  and  two  overlap 
the  s  orbitals  of  two  hydrogen  atoms.  These  three  bonds  of  each 
carbon  atom  result  from  the  formation  of  <r-type  molecular  orbitals 
and  make  angles  of  120°  with  one  another  in  a  single  plane.  There  is 
left  at  each  carbon  atom  a  p  atomic  orbital  which  is  perpendicular  to 
the  plane  of  the  rest  of  the  molecule  (Fig.  2.12).  Added  stability  can 


Fig.  2.12.  Cross  section  of  ethylene  molecule  before  ir  bond  formation:  (a) 
through  the  carbon  and  hydrogen  atoms,  and  (b)  through  the  carbon  atoms  and 
perpendicular  to  the  plane  of  the  hydrogen  atoms. 


result  by  the  two  p  orbitals  coalescing  to  form  a  molecular  orbital 
which  encompasses  both  carbon  nuclei.  The  resulting  molecular 
orbital  resembles  two  sausages  above  and  below  the  plane  of  the 
molecule  (Fig.  2.13),  and  owing  to  the  presence  of  a  nodal  plane  (i.e.  a 
plane  where  the  probability  of  finding  the  electron  is  zero)  as  is  found 
in  p  atomic  orbitals,  the  type  of  bond  that  is  produced  is  called  a  tt 
bond  and  the  electrons  forming  the  bond  are  called  tt  electrons.  The 
p  orbitals  at  two  adjacent  atoms  will  overlap  most  when  they  are 

tTaTof  thet*  W  T  T^r’  bUt  SinCe  the  °Verlap  is  P0OT<*  than 
stable  as  a  V.byhnd.  S’ ,a  ^*3^  molecular  orbital  is  not  as 

stable  as  a  <r-type  molecular  orbital.  For  instance,  the  enemy  of  a 

carbon-carbon  <r  bond  is  about  80  kcal,  while  that  of  a  carbon-carbon  *■ 
ond  is  only  about  65  kcal/mol.  The  t  electrons  are  bound  less  firmly 
and  can  be  more  easily  polarised  (that  is,  attracted  to  either  end  of 

are 

located.  In  addition,  the  tendency  of  ,  bonds  tol™  The  more 
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stable  <r  bonds  (addition  reactions)  with  other  atoms  has  led  the  elec¬ 
trons  in  7 r  bonds  to  be  called  unsaturation  electrons. 

The  descriptions  of  the  C=0  and  C=N  bonds  are  entirely  anal¬ 
ogous  to  that  of  the  C=C  bond.  The  nitrogen  atom  of  an  imine, 
R2C  NR,  uses  two  of  its  p  orbitals  for  forming  <r-type  molecular 


H 


H 


^ - -  £ _ 

H  ,  - u 

'  V-  ya, 


(b) 


(c) 


Fig.  2.13.  The  ethylene  molecule  after  t  bond  formation:  (a)  cross  section 
through  the  carbon  atoms  and  perpendicular  to  the  plane  of  the  hydrogen  atoms; 
(b)  perspective  representation  of  the  ir  bond;  (c)  schematic  representation  of  the 
7r  bond. 


orbitals  with  two  carbon  atoms,  and  the  third  for  forming  a  7 r  molecular 
orbital  with  the  methine  carbon  atom  (Fig.  2.14).  The  unshared 
pair  of  electrons  of  the  nitrogen  atom  occupies  a  2s  atomic  orbital. 
The  oxygen  atom  of  a  carbonyl  compound  uses  its  2s  and  one  2 p 
atomic  orbitals  for  accommodating  its  unshared  electrons,  one  p 


Fig.  2.14.  Schematic  representation  of  (a)  the  carbon-oxygen  double  bond  in 

formaldehyde,  and  (b)  the  carbon-nitrogen  double  bond  in  a  Schiff  base. 

atomic  orbital  for  forming  a  cr-type  molecular  orbital  with  the  carbon 
atom,  and  its  third  p  orbital  for  forming  a  7r-type  molecular  orbital 
with  the  carbon  atom. 

The  description  of  the  triple  bond  follows  the  same  reasoning  as 
that  for  a  double  bond.  In  acetylene,  for  example,  sp  hybridization 
occurs,  and  each  carbon  atom  forms  two  cr-type  bonds  by  ovei  lapping 
with  the  sp  hybrid  orbital  of  the  other  and  an  s  atomic  oibital  of  a 
hydrogen  atom.  This  leaves  two  2 p  atomic  orbitals  at  each  carbon 
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atom,  containing  one  electron  each  which  can  be  perpendicular  to  one 
another  (Fig.  2.15).  Hence  by  the  overlap  of  these  p  orbitals  on  the 
adjacent  carbon  atoms,  two  7r-type  molecular  orbitals  are  formed. 
Similarly,  in  an  alkyl  cyanide,  one  o--type  and  two  7r-type  bonds  are 
formed  between  the  carbon  and  nitrogen  atoms. 


Fig.  2  15.  The  acetylene  molecule:  (a)  cross  section  through  one  tt  molecular 
orbital:  (b)  perspective  representation  of  the  ,  bonds;  (c)  schematic  representation 

o  the  ,r  bonds,  (d)  schematic  representation  of  the  carbon-nitrogen  triple  bond  in 
alkyl  cyanides. 


2.4g.  Polycentric  molecular  orbitals.  In  butadiene,  each  car¬ 
bon  atom  forms  three  <r  bonds,  the  two  end  carbons  forming  two  s-sp 
molecular  orbitals  with  hydrogen  atoms  and  one  sp-sp  molecular 
orbital  with  the  number  two  carbon  atoms,  while  the  two  inner  carbon 
atoms  form  two  sp-sp  molecular  orbitals  with  the  adjoining  carbon 
atoms  and  an  s-sp  molecular  orbital  with  a  hydrogen  atom  °At  each 

Le“  ‘  SVI  a  2f  °rblta'  7hich  perpendicular^ tr)6  the 

2  carbon  at n  r  ^  ethylene’  the  2P  orbitals  on  the  1-  and 

2  carbon  atoms  can  form  a  dicentric  (encompass  two  nuclei)  molecular 

With  a  nodal  plineTn  the eT°mPfSk  f0Ur  nUC‘ei  (Fig'  2-16)>  each 
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bring  about  greater  stabilization  than  the  two  dicentric  molecular 
orbitals.  If  the  two  double  bonds  were  separated  by  two  single  bonds, 
as  in  1,4-pentadiene,  the  p  orbitals  on  the  2-  and  4-carbon  atoms  could 
not  overlap,  and  the  tetracentric  molecular  orbital  formation,  or 
conjugation,  could  not  occur. 

Polycentric  orbital  formation  in  benzene  is  merely  an  extension 
of  the  process  described  above  for  butadiene.  Thus  sp2  hybridization 
of  the  atomic  orbitals  of  the  carbon  atoms  takes  place  on  bonding,  and 
three  <r-type  molecular  orbitals  are  formed,  making  angles  of  120°  to 
each  other  and  producing  a  planar  molecule.  One  p  orbital  containing 
an  unpaired  electron  remains  at  each  carbon  atom,  and  the  p  orbitals 


(a) 


(c) 


(b) 


Fig.  2.16.  1,3-Butadiene:  (a)  schematic  representation  of  overlapping  of 
p  orbitals;  (b)  and  (c)  ir  molecular  orbitals  accommodating  the  two  pairs  of  tt 


electrons. 


can  overlap  in  two  different  combinations  of  three  pairs  each,  cone- 
sponding  to  the  two  Kekule  structures  (Fig.  2.17).  Since  any  p  orbital 
overlaps  both  p  orbitals  on  either  side  of  it,  all  six  orbitals  can  be 
parallel  to  give  a  single  molecular  orbital  resembling  two  doughnuts 
above  and  below  the  plane  of  the  ring.  This  molecular  orbital  can 
accommodate  only  one  pair  of  electrons;  two  other  molecular  orbitals 
also  encompass  all  six  nuclei,  but  each  has,  in  addition  to  the  no  a 
plane  coinciding  with  the  plane  of  the  ring,  a  second  nodal  plane 
perpendicular  to  the  plane  of  the  ring.  The  pair  of  electrons  in  each 
polycentric  molecular  orbital  of  benzene  encompasses  six  nuclei,  whic 
brings  about  greater  stabilization  than  if  it  only  encompassed  2  nuc  ei. 

2.4h.  Resonance.  This  ability  to  form  molecular  orbitals  mvo  v- 
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of  the  electrons,  and  the  molecule  is  said  to  have  no  one  of  the  possible 
structures  but  some  composite  of  them  all.  Hence,  with  the  descrip¬ 
tion  above  for  the  polycentric  molecular  orbital  bond  formation  of 
benzene  it  is  easy  to  visualize  what  is  meant  by  the  statement  that 


Fig.  2.17.  Resonance  in  benzene. 


1“  “  *  resona.nce  hybrid  of  two  Kekule  structures, 
designated  by  the  conventional  symbolism 


Benzene  is 


tare,S  no^repr^entaWe^y'one^tnrctural^  for'6  TT 

posite  of  several  electron  structural  formuks  The  diff  ®  “  C°m' 
energy  between  the  polycentric  and  aJ  !  .  difference  in 

exhibiting  resonance  is  thp  vp  eentnc  states  of  molecules 

the  source  of  resonant W  m°leCUlfi-  ThuS 
three  or  more  nuclei  instead  of  two  and  is  L,  «  ”  to  encompass 

energy  of  two  electron  configuration! V  A  ITT 'eCtrostatic 
resonance  and  its  applications  in  organic  chemis", 
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to  Chapter  8,  and  it  is  sufficient  to  say  here  that  the  conceivable 
electron  structures  of  a  molecule  will  be  more  significant  the  more 
nearly  equal  they  are  in  stability  and  the  greater  is  the  number  of  these 
nearly  equivalent  structures.  Also,  it  can  be  seen  that  resonance  will 
occur  chiefly  when  the  atoms  of  conjugated  multiple  bonds  are  coplanar 
so  that  their  p  orbitals  will  overlap  to  the  maximum.  A  return  will 
be  made  now  to  the  discussion  of  bond  types  and  their  characteristics. 


2.5  Covalent  versus  ionic  bonds 

Fajans22  has  postulated  that  in  the  presence  of  a  cation,  the  electron 
cloud  of  the  anion  is  deformed  due  to  the  attractive  force  of  the  posi¬ 
tively  charged  cation.23  For  example,  the  identical  cell  dimensions 
of  thallous  perchlorate  and  rubidium  perchlorate  crystals  indicate 
that  the  T1+  and  Rb+  ions  have  identical  sizes  when  compared  in 
symmetrical  force  fields.  However,  as  a  result  of  the  one-sided  attrac¬ 
tion  within  the  vaporized  molecule,  the  internuclear  distance  in  T1C1 

(2.55  A)  is  much  smaller  than  in  RbCl  (2.89  A)  due 
to  the  greater  polarizability  of  Tl+  ion.  The  extreme 
limit  of  this  polarization  is  for  the  outer  electrons  of 
the  anion  to  overlap  with  the  atomic  orbitals  of  the 
cation  to  produce  a  covalent  bond.  Thus  Fajans 
pointed  out  that  three  factors  which  lead  to  cova¬ 
lency  are  (1)  high  cationic  charge,  (2)  small  cationic 
radius,  and  (3)  large  anionic  radius.  The  greater  the 
cationic  charge,  naturally,  the  greater  is  the  attrac¬ 
tion  for  the  anion  electrons.  The  smaller  the  cation, 
the  closer  can  its  nucleus  approach  the  anion  electrons;  hence  the 
greater  becomes  the  force  of  attraction.  Finally ,  the  larger  the anion 
radius  the  farther  from  its  nucleus  are  its  valence  electrons  and  the 
fore  the  more  easily  can  they  be  displaced.  These  postulations  are 
illustrated  in  Table  2.4.  The  boiling  point  has  been  selected  as  the 
c“j for  detaining  bond  type  simply  because  the  values  are  more 
easilv  found,  but  there  could  have  been  chosen  the  electric  conductiv i  y , 
or  the  solubility  in  homopolar  liquids.  In  any  even  Vt  ^ 

qualitative  criteria  of  bond  type,  for  no  definite  value  of  the  boiling 

“K.  Fajans,  Naturmsmclmften,  the  cation  because  the  anion 

hasl^LtX-htirer' ’t 

%%  thantheenurclear  positive  charge,  and  the  electrons  are  held 

more  firmly  than  in  the  neutral  atom.  245  (ig5Q) 

24  W.  A.  Weyl,  Trans.  N.  Y.  Acad.  Sci.,  be  .  , 


<© 

Fig.  2.18.  Pic¬ 
ture  of  an  anion 
deformed  by  a 
cation  due  to 
polarization. 
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point  represents  a  transition  from  covalent  to  ionic  bonds.25  It  will  be 
seen  later  (Sec.  3.3)  that  these  qualitative  generalizations  of  Fajans 
lead  to  the  same  conclusions  that  are  reached  by  a  consideration  of  rela¬ 
tive  electronegativities  of  the  elements. 

Table  2.4 


Illustrations  of  Fajans’  Rules  of  Covalency 


Influencing  factor 

Covalent  compounds 

Ionic  compounds 

Cationic  charge . 

SnCh  (bp  114°C) 

FeCh  (bp  315°C) 

PbCl4  (liq;  d  105°C) 

SiF4  (Si  radius  0.41  A;  bp 
— 90°C) 

Aids  (bp  183°C) 

SnCh  (bp  114°C) 

SnCh  (bp  623°C) 

FeCh  (bp  1000°C) 

PbCh  (bp  954°C) 

SnF4  (Sn  radius  0.61  A; 

bp  705°C) 

A1F3  (bp  800°C) 

SnF4  (bp  705°C) 

Cation  radius . 

Anion  radius . 

There  are  several  ways26  in  which  covalent  and  electrovalent  com¬ 
pounds  differ,  and  without  discussing  these  distinctions,  they  can  be 
cited  as  follows.  (1)  The  covalence  of  an  atom  depends  upon  its 
position  in  the  periodic  table,  but  no  such  limitation  is  imposed  on  its 
electrovalence.  (2)  In  ionic  bonds,  the  electric  dipole  moment  is  only 
slightly  diminished  by  ion  polarization,  while  in  covalent  bonds, 
unequal  sharing  of  the  bond  electrons  markedly  affects  the  dipole 
moment.  (3)  Covalent  compounds  have  strikingly  greater  volatilities, 
smaller  conductivities,  and  opposite  solubilities  in  water  and  organic 
liquids  in  comparison  with  ionic  compounds.  (4)  Covalent  links  are 
directed,  while  ionic  links  are  not.  (5)  Photodissociation  of  covalent 
molecules  produces  an  excited  atom,  whereas  from  ionic  salts  the 
atoms  are  normal  unexcited  atoms.  (6)  Calculation  of  lattice  energies 
and  theoretical  heats  of  formation  of  compounds  based  on  ionic  struc¬ 
tures  are  negative  when  applied  to  covalent  molecules,  but  positive 
for  ionic  substances. 


2.6  Covalent  bond  energies 

The  strength  of  a  bond  R— X  in  a  molecule  RX  is  defined  here  as 
the  heat  of  the  reaction 


PXeas  >  R  t„  -)-  X‘cas 

nCerYi3rf-  abs°lute'  The  difference  in  the  heat  of  reaction  at 
v  and  300  K  is  only  about  1  kcal,  which  is  less  than  the  experimental 

°" tetrahalide  molecules  by  J-  H-  Hildebr“d 
IthZlL^k'  ‘he  C°mlent  Unk  in  Che™iry,  Cornell  University  Press, 
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error  in  measurements  of  bond  energies,  so  that  a  temperature  correc¬ 
tion  would  rarely  be  worth  while.  Bond  energies  are  commonly 
computed  from  thermochemical,  spectroscopic,  or  kinetic  data.  In 
addition,  many  persons  have  recognized  relationships  between  bond 
energy,  bond  distance,  force  constant,  bond  order,  and  ionization 
potential,  and  a  number  of  empirical  calculations  of  bond  energies  have 
been  reported.27  The  thermochemical  method  is  applicable  to  the 
largest  number  of  compounds,  and  so  tables  of  bond  energies  are 
usually  based  on  thermochemical  results,  although  values  from  other 
methods  are  in  satisfactory  accord. 

The  energy  necessary  to  dissociate  a  molecule  completely  into 
atoms  is  taken  as  the  sum  of  the  energies  of  all  its  bonds.  In  the  case 
of  a  polyatomic  molecule,  thermochemical  data  provide  a  value  for 
the  sum  of  all  its  bond  energies,  and  not  for  the  energy  of  an  individual 
bond.  For  instance,  the  value  of  the  C — H  bond  energy  is  taken 
as  one-fourth  the  energy  absorbed  in  the  reaction  CH4  —*■  C*  +  4H‘, 
although  it  is  known  from  several  types  of  measurements  that  the 
energy  for  dissociation  is  102  kcal/mole  for  the  first  hydrogen  atom,28 
and  80  kcal/mole29  for  the  last  hydrogen  atom.  The  heat  of  dissocia¬ 
tion  of  a  molecule  into  atoms  is  not  determined  directly  but  through 
the  addition  of  the  energy  changes  of  a  number  of  reactions.  For 
illustration,  the  energy  of  dissociation  of  methane  can  be  obtained 
from  its  heat  of  combustion  by  combining  the  following  energy  changes. 


CH4(b)  +  20  2(b) 

C02(B) 

Cdiamond 

2H20(i) 

2H2(g) 


C02(g)  +  2H20(i) 

Cdiamond  T  02(g) 

C(g, 

2H2(g)  +  02(g) 

4H(g)  . 


CH4(g)  =  4H(g)  +  C 


(K) 


Energy  change 
(kcal) 
212.8 

-94.5 

-170.0 

-136.8 

-206.8 

-395.3 


C— H(bond  energy)  =  ^  ■  8  kcaI 

For  convenience,  Wheland30  has  compiled  the  heats  of  combustion 

for  a  large  number  of  organic  substances.  <  .  , 

The  spectroscopic  method  consists  of  measuring  t  e  mo  ecu  a 
«  A.  E.  Remick,  Electronic  Interpretations  of  Organic  Chemistry  2d  ed  Wiley, 
New  York,  1949,  pp.  151  ff;  J.  L.  Kavanau,  J.  Chem.  Phys.,  17,  738  (1949),  G. 

Glockler,  J.  Chem.  Phys.,  19,  124  (1951).  12,478  (1944); 

28  G.  B  Kistiakowsky  and  E.  R.  Van  Artsdalen,  .  •  >  (1944)-  D.  P. 

H.  C.  Anderson  and  E.  It.  Van  Artsdalen,  J.  Chem.  Phys.  12,  483  (1944;, 

S”nHerZbergm'  Molecular  Structure.  Prentice-Hall, 

Ne".  S.  meian/wc  Theory  of  Resonance.  Wiley,  New  York,  1044,  pp.  06-70. 
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band  spectrum  of  a  diatomic  molecule  and  picking  out  bands  whose 
frequencies  correspond  closest  to  a  classical  harmonic  vibrational 
series.31  The  bands  converge,  and  sometimes  can  be  observed  until 
they  form  a  continuous  spectrum.  The  spectrum  is  due  to  absorption 
of  energy  for  atomic  vibrations  (in  addition  to  other  forms  as  are 
discussed  in  the  chapter  on  spectroscopy)  which  is  quantized,  but  when 
the  vibrational  energy  is  sufficient  to  disrupt  the  molecule  into  atoms, 
any  further  quantity  of  energy  is  absorbed  by  the  atoms  as  kinetic 
energy;  the  kinetic  energy  is  not  quantized,  so  the  spectrum  appears 
as  a  continuum.  The  energy  required  to  dissociate  the  molecules 
into  atoms  may  be  computed  from  the  frequency  where  the  continuous 
spectrum  begins.  The  absorption  bands  are  weaker  near  the  point  of 
convergence,  and  often  extrapolation  is  required  to  determine  the 
limit.  One  other  difficulty  is  the  fact  that  covalent  molecules  are 
dissociated  into  two  atoms,  one  in  the  normal  state  and  the  other  in 
an  electionically  excited  state.  This  does  not  prevent  the  method 
from  being  applicable,  for  from  atomic  spectra  or  approximation 
methods,  the  excess  atomic  excitation  energy  can  be  determined  and 
subtracted  from  the  spectroscopic  dissociation  energy  of  the  diatomic 
molecule.  Extensive  compilations  of  dissociation  energies  are  avail¬ 
able32  from  which  calculations  of  bond  energies  may  be  made 

It  may  be  noted  from  the  illustration  above  that  determination 
of  the  bond  energies  in  most  organic  compounds  would  involve  a 
value  for  the  heat  of  sublimation  of  carbon.  This  quantity  is  a  point 
of  much  controversy,33’34  the  two  favored  values  being  124^14035  and 

— - 

Spna^ar0B“lkHli 

York  Cit(:1hae8^eufwL“,rueS,e°d  ‘^1“  «  ia 

the  humorous  remark  was  made  by  I  PsnlimAtt,  SymrMHlum  on  Bond  Energies, 
evidence  for  the  170  kcal  value  it  tikes  ]  g’  .  “  Vlew  of  the  cumulating 
140  kcal  value.  Although  Ihe  direct  me  g6.  to,  eontinue  to  “Sue  for  the 

graphite  by  Brewer,  Gilfes  and  Jenkins rement  ‘,f  th,;  heat  of  sublimation  of 
troversy  will  probably  ^  ^ 

2*r  t0  be  ”  the  "“**  stata  -  ‘he  caHum'tUhunsh^der^experimentai 

Proc.  Roy.  SoT,7l79,h2H(mi)lh' Gero  ’ 'T’cT  Gpi  KynCh  a"d  W'  G'  PennY. 
arguments  in  support  of  the  smaller' value  ’  see  L  H  i  1  o  ‘A  (1948>'  For 
Proc  Boy.  Soc.,  A187,  337  (1946);  G.  Glockler’  J  ri  Lon|and  «•  W.  Norrish, 

34  L.  Brewer,  P.  \y.  Gilles  nn d  F  a  T  J ’  ^hem-  Phys.,  16,  842  (1948) 
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170  kcal/mole.  From  each  value,  of  course,  can  be  established  a  set 
of  bond  energies.  However,  the  most  recent  determination  of  the 
heat  of  sublimation  of  carbon34  yields  a  value  of  170  kcal/mole.  It  is 
noteworthy  that  this  value  leads  to  values  for  the  C — H  and  C — C 
bond  energies  which  are  consistent  with  those  determined  from  kinetics 
of  pyrolysis36  and  photobromination,28  and  by  electron  impact.37  The 

Table  2.5 

Revised  Bond  Energies 38  39 


Single  bond  energies  (kcal/mole) 


Hydrides 

Chlorides 

H— H 

103.2 

H— Cl 

102.1 

Li— H 

58 

Li— Cl 

118.5 

C— H 

98.2 

C— Cl 

78 

N— H 

92.2 

N— Cl 

46 

O— H 

109.4 

0— Cl 

49 

F— H 

141 

F— Cl 

60.3 

Na— H 

47 

Na— Cl 

97.7 

Si— H 

76 

Si— Cl 

87 

P— H 

77 

P— Cl 

77 

S— H 

87 

S— Cl 

65 

Cl— H 

102.1 

Cl— Cl 

57.1 

K— H 

42.9 

K— Cl 

101.4 

Cu— H 

62 

Cu— Cl 

83 

Ge— H 

Ge— Cl 

As— H 

56 

As— Cl 

69 

Se— H 

67 

Se— Cl 

59 

Br— H 

86.7 

Br— Cl 

52.1 

Rb— H 

39 

Rb— Cl 

101.0 

Ag — H 

53 

Ag— Cl 

71 

Sn— H 

Sn— Cl 

76 

Sb— H 

Sb— Cl 

75 

Te— H 

59 

Te— Cl 

I— H 

70.6 

I— Cl 

49.6 

Cs— H 

41 

Cs— Cl 

103 

Elements 


H— H 
Li— Li 
C— C 
N— N 
O—O 
F— F 
Na— Na 
Si— Si 
P— P 

s— s 

Cl— Cl 
K— K 
Cu— Cu 
Ge— Ge 
As — As 
Se— Se 
Br — Br 
Rb— Rb 
Ag— Ag 
Sn — Sn 
Sb— Sb 
Te— Te 
I— I 
Cs— Cs 


103.2 

26 

80 

37 

34 
50 

17.8 
45 
53 
63 

57.1 

11.8 

39.2 
39 
50 

45.4 
11.1 

35 
42 
49 

35.6 

10.4 


se  M.  Szwarc,  Chem.  Revs.,  47,  75  (1950;;*,  i.  ™  C 2 

Faraday  Sac..  39,  19  (1943);  H.  C.  Longuet-H.gg.^ Na£n,  WS,  90S  (195C0 
37  D  P  Stephenson,  J.  Am.  Chem.  Soc.,  65,  209  (1943),  Rhys,  uevs.,  oo, 

(19^ 

of  Organic  Chemistry  a^endon  ^  ^iord  England, 

Ti-rsa?  a&i 

K.  S.Vitzer,  J.  Am.  Chem.  Soc.,  70,  2140  (1948). 
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Multiple  bond  energies  and  heats  of  formation  (kcal/mole) 


Bond 

Single 

Double 

Triple 

C— C 

80 

145 

198 

N— N 

60 

152 

225 

0—0 

66 

117 

P— P 

53 

116 

s— s 

63 

101 

As — As 

39 

91 

Se— Se 

50 

65 

Sb— Sb 

42 

69 

Te— Te 

49 

53 

C— N 

78 

153 

238 

C— 0 

88 

177  (CHaCHO) 

254 

179  (ketones) 

P— N 

138 

S— 0 

120 

Te— 0 

63 

Multiple  bond  energies  and  heats  of  formation  (kcal/mole) 


Compound  a H 

Compound  a H 

°2  146.2 

C02  410.7 

fhOfiiquid,  244 . 9 

1 2<  solid)  51.2 

n2  278.2 

S02  297.4 

HF  147.5 

Br2(gas,  46.2 

T,S7nTdew  U?u  °f  b°nd  energ‘eS  is  that  ot  PaulinS.  but  selection 
of  UO  kcal  for  the  heat  of  sublimation  of  carbon  necessitates  a  revision 

of  many  of  Pauling  s  values.  Pitzer»  has  done  this,  and  many  of  his 
results  are  included  in  Table  2.5.  y 

of  Watfon  Ilf  ^  m,  Tab/e  2'5  may  bG  USed  t0  calculate  the  heats 
of  formation  of  simple  substances.  For  illustration,  from  the  heat 

combustion  of  trimethylamine,  580  kcal,  and  from  the  reaction 


we  have 


(CHa)sN  +  SjO,  -  3CO,  +  iN,  +  4iH20  +  580  kcal 


-51(146.2)  +  3(410.7)  +  1(278.2)  +  41(244.9)  -  580  _  1119  kcal 
ene^esTn  °f  trimethyla™ne-  The  value  from  the  bond 


9(C  H)  +  3(C  N)  =  9(98.2)  +  3(78) 


-  883.8  +  234  =  1118  kcal. 
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Similar  agreement  will  be  found  for  many  simple  compounds,  but  such 
a  calculation  of  the  heat  of  formation  should  be  made  only  for  mole¬ 
cules  in  which  the  atoms  exhibit  normal  covalences.  Thus  the  table 
should  not  be  used  to  determine  the  heats  of  formation  of  azoxy 
compounds  or  of  trialkylamine  oxides,  because  the  nitrogen-oxygen 
bonds  possess  considerable  ionic  character,  and  the  compounds  are 
more  stable  than  would  be  calculated.  At  most,  these  bond  energies 
are  only  a  fair  approximation  to  the  actual  energy  required  to  rupture 
a  given  bond. 


Supplementary  Reading 

1.  M.  Szwarc,  “Bond  Dissociation  Energies,”  Quart.  Rev.  Chem.  Soc.  London,  V, 
22  (1951). 


2.7  Coordinate  covalent  bonds 


A  covalent  bond  may  arise  by  a  different  process  from  that 
described  above,  wrhich  frequently  results  in  a  product  with  properties 
associated  with  both  covalent  and  electrovalent  substances.  The  cai- 
bon-nitrogen  bonds  of  CH3 — NH2,  CH3CH=N  OH,  and  CHsC=N 
result  from  a  contribution  by  carbon  and  nitrogen  of  an  equal  number 
of  electrons  to  form  a  single,  double,  or  triple  covalent  bond;  however, 
it  is  also  possible  for  one  atom  to  donate  both  electi  ons  foi  formation 
of  a  single  covalent  bond.  For  example,  the  two  unshared  electrons 
on  the  nitrogen  atom  of  ammonia  can  serve  to  form  a  covalent  bond 
with  a  proton  according  to  the  equation 


H 

H  -V 

H  :  N  :  +  H+-+ 

H  :  N  :  H 

H 

H 

In  the  resulting  ammonium  ion,  all  four  hydrogen-nitrogen  bonds  are 
identical.  To  distinguish  the  two  modes  of  formation,  the  bond 
formed  when  one  atom  (donor)  donates  both  electrons  is  called  a 

coordinate  covalent  bond.  , 

The  source  of  electrons  for  formation  of  a  particular  covalent  bond 

is  not  always  as  easy  to  locate  as  in  the  case  of  the  ammonium  ion,  u 
there  is  usually  an  accompanying  characteristic  that  simp  1  es 
matter.  Of  course,  the  primary  interest  is  in  the  properties  of  the 
resulting  molecule  and  not  the  source  of  the  electrons.  T  he  electronic 
structure  of  trimethylamine  oxide  might  be  written  as  1  or  . 
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CH3 


ch3 


ch3 

I 


ch3 

II 


Structure  II  is  improbable,  since  it  would  require  that  nitrogen  form 
five  covalent  bonds,  and  none  of  the  elements  in  the  first  row  of  the 
periodic  table  does  this  because  it  would  necessitate  the  use  of  the 
very  unstable  2 d  orbitals.  In  structure  I,  the  nitrogen  and  oxygen 
atoms  are  apparently  forming  a  single  covalent  bond,  but  upon  examin¬ 
ing  the  electron  density,  that  is,  the  condition  of  the  electric  charge 
throughout  the  neutral  molecule,  it  is  found  to  approach  that  of  an 
ionic  bond. 

If  the  electrons  of  a  covalent  bond  are  shared  equally  between 
the  two  bonded  atoms,  one-half  of  the  electrons  may  be  considered  to 
belong  to  each  atom.  Accordingly,  the  nitrogen  of  trimethylamine 
oxide  has  four  electrons  which  it  can  claim  as  its  own.  That  is  to 
say ,  there  are  four  negative  charges  in  the  close  vicinity  of  the  nitrogen 
kernel.40  Since  the  charge  on  this  kernel  is  +5,  there  remains  a 


positive  charge  of  1  around  the  kernel.  Turning  to  the  oxygen  atom, 
in  structure  I  there  are  six  electrons  belonging  solely  to  the  oxygen  and 


one  which  it  can  claim  from  the  covalent  bond  with  nitrogen.  This  is 
equivalent  to  seven  negative  charges  being  located  verv  close  to  t.ho 


.  7° . oxiue,  its  structure 


truly  by  III. 


can  be  represented  more 


32 


Types  of  chemical  bonds 


[2.7 


CH3 

h3c— n^o- 


CHj 

III 


Thus  it  indicates  that  although  the  molecule  is  neutral  it  should  be  very- 
polar,  i.e.,  have  a  negative  and  positive  end.  This  expectation  is 
found  to  be  true,  for  its  dipole  moment  (Chapter  6),  5.02 D,  is  near  the 
range  of  those  of  ion  pairs,  e.g.,  6. 3D  for  KC1. 

Early  classical  structural  theories  demanded  pentavalence  for 
nitrogen  in  such  compounds  as  trimethylamine  oxide  and  nitric  acid, 
notwithstanding  the  fact  that  little  was  known  about  the  nature  of 
these  bonds,  nor  that  one  bond  differed  from  the  other  four.  From 
the  preceding  discussion  of  trimethylamine  oxide,  nitrogen  could  be 
considered  to  form  four  covalent  bonds  and  one  ionic  bond.  The 
dual  nature  of  the  nitrogen-oxygen  bond  has  caused  it  to  be  given 
several  names,  such  as,  semi-ionic  bond  (Noyes),  dative  (Branch  and 
Menzies),  coordinate  link  (Sidgwick),  mixed  double  bond,  and  semi- 
polar  double  bond  (Lowry,  and  Sugden).  Meisenheimer41  early 
showed  that  one  of  the  five  bonds  of  pentavalent  nitrogen  is  different 
from  the  others  by  isolating  isomers  of  the  compound  R3N(OR')OR  . 
These  have  the  structures 


R 

R — N — OR' 

I 

R 


R 

! 

OR"-  and  R— N— OR' 

I 

R 


OR" 


where,  in  one  salt,  the  group  OR'  was  joined  to  the  nitrogen  atom  by  a 
covalent  bond,  and  the  OR"  group  was  joined  by  an  ionic  bond,  the 
situation  being  just  reversed  in  the  other  salt  On  the  other  hand 
isomers  cannot  be  isolated  for  the  salt  R3R  NCI  because  o  y 
chloride  ion  can  be  attached  by  an  ionic  bond.  . 

2.7a.  Solvates  and  Werner-type  salts.  Po  ar  molecules  may 
also  be  attached  to  cations  by  coordinate  covalent  bonds  Th 
the  structure  of  hexahydrated  ferric  ion  in  the  crystalline  state  might 

be  represented  as  IV  or  V. 

41  J.  Meisenheimer,  Ann.,  397,  273  (1913). 
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H 

H' 

H, 

H 


\ 

P 


\ 

0 

/ 


H\  /H 
0 


Fe+++ 


/°\ 

H  H 


/ 

0 

\ 


/ 

o 

\ 


H 

H 

H 

H 


H 

H' 

H 

> 

/ 

H 


\+ 

0. 

/ 


\+ 

y 


IV 


H\  +/H 
0 


Fe= 


/°n 

H  H 

V 


+/ 

.0 

\ 


+/ 

0 

\ 


H 

H 

H 

B. 


In  IV,  the  six  water  molecules  are  held  by  ion-dipole  interactions, 
while  in  V,  the  six  oxygen  atoms  of  the  water  molecules  have  formed 
coordinate  covalent  bonds  with  the  ferric  ion.  Notice  the  resulting 
formal  charges  in  V.  By  a  criterion  that  is  discussed  in  the  chapter 
on  magnetic  susceptibilities,  it  has  been  shown  that  the  iron-oxygen 
bonds  of  the  ferric  hexahydrate  ion  are  essentially  of  the  ion-dipole 
type,  while  in  some  other  complexes  of  iron,  such  as  the  dipyridyls 
and  the  cyanides,  the  bonds  are  essentially  covalent.  Hence,  ion 
complexes  may  be  of  the  ion-dipole  type  or  of  the  coordinate  covalent 
type.  The  latter  type  have  the  greater  stability42  and  usually  persist 
when  the  crystals  are  dissolved  in  a  solvent.  On  the  other  hand,  the 
former  type  generally  have  vapor-pressure  dissociation  pressures,'  and 
their  existence  in  solution  is  difficult  to  establish.  For  example,  the 
violet  hydrated  chromic  chloride,  CrCl3*6H20,  loses  no  water  of 
crystallization  over  sulfuric  acid,  and  precipitates  all  its  chlorine 
immediately  when  treated  with  silver  nitrate.  It  is  evident,  then,  that 
the  salt  contains  a  very  stable  complex  cation  [Cr(H20)6]+++  Similar 
studies  have  shown  ‘hat  cobalt  forms  an  analogous  stable  complex  ion 
Co(NH,),]  +  which  persists  through  many  vigorous  chemical  reac- 
ions.  hese  chromium  and  cobalt  salts  are  examples  of  the  Werner- 
type  complexes  about  which  much  could  be  said  but  which  would  be 
out  of  place  here.”  In  contrast,  in  the  complex  [Co(NH,),]CI.  the 

dissockites  in,  f  *  *  ion-dipole  bonds>  **  it  revemib^ 

dissociates  into  its  components  either  in  the  solid  phase  or  in  solution 

lation  does  not  exist  with  bond  Type!' Tb  '.’ll'*  J  Tonf  0fT°0^PpXes  but  a  corr°- 
Bailar,  Chem.  Revs.,  30,  227  (1942)  P  e> ,  L.  S.  Foster,  and  J.  C. 

1911.  A Fot  ^"re'cen te?dLsct2on  ofThe°  struC^””S<7’  Loi!gmans’  Green>  London, 
that  of  W.  C.  Fernelius  in  Chapter  III  of  ^  ^  coordination  compounds,  see 

by  R.  E.  Burk  and  O.  ^  V’  ^ 
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There  is  considerable  evidence44  that  cations  and  anions  are 
hydrated  in  aqueous  solution,  but  good  methods  of  determining  ionic 
weights  and  degrees  of  hydration  are  lacking.  It  is  observed  that 
ions  of  the  transition  elements  have  the  greatest  tendency  to  form  the 
very  stable  coordinate  covalent  complexes,  presumably  because  their 
electron  orbitals  can  accommodate  the  extra  pairs  of  electrons.  Ions 
of  the  metals  which  appear  on  the  left  side  of  the  periodic  table  do 
not  have  this  required  space  in  their  low-energy  electron  orbitals,  and 
form  crystals  chiefly  with  weakly  bonded  solvates.  Thus  the  com¬ 
pounds  Na3P04T2H20,  Na3As04-12H20,  and  NaB02-4H20  suggest 
the  existence  of  the  [Na(H20)4]+  cation,  but  no  complexes  are  known 
of  the  coordinate-covalent  type.  In  addition, '  these  same  ions  have 
larger  ionic  radii  than  ions  of  the  transition  elements,  and  due  to  the 
combined  effects  of  large  radii  and  small  ionic  charges,  they  have 
weaker  polarizing  abilities. 

Aside  from  chemical  evidence,  there  are  several  criteria  by  which 
the  two  types  of  solvates  may  be  classified. 

1.  Evidence  from  color.  Differences  are  observed  in  the  colors  of 
cations  of  these  complexes,  depending  upon  the  type  of  bond  formation 
that  the  metal  ion  undergoes.  Color  alone  does  not  serve  as  a  criterion 
of  bond  type ;  however,  if  a  series  of  metalorgano  complexes  of  a  given 
cation  fall  into  two  groups  of  colors  and  the  bond  type  is  established, 
say  by  the  magnetic  method,  for  a  member  from  each  group,  it  can  be 
assumed  that  the  rest  of  the  members  of  each  group  are  of  the  toe 
bond  type  as  those  verified  by  experiments.  Examples  of  qualitative 
differences  in  color  between  covalent  and  ion-dipole-type  complexes 


are  provided  by  the  covalent  yellow  salts  of  nickel  stilbenediamine 
in  contrast  to  green,  ionic,  dissociable  Ni(H20)eCl2,  and  Ni(NH3)eCl2 
salts,  or  the  blue  nickel  monophenylethylenediamines.  In  general,  the 
ionic  nickel  complexes  are  green  or  blue  while  the  covalent  complexes 
are  between  orange  and  scarlet.  The  position  in  these  ranges  is 
dependent  somewhat  upon  the  stereostructure  of  the  complexes. 
Similarly,  the  pink  hydrates  and  ammoniates  of  bivalent  cobalt  are 
ionic,  while  the  yellow  salts  of  [Co(NH3)6]+++  are  covalent 

2.  Dimensional  evidence.  The  bond  distance  of  an  ion-dipole  bond 
is  greater  than  that  of  a  covalent  bond.  For  instance,  x-ray  diffraction 
measurements  have  shown  the  cobalt-nitrogen  interatomic  distances 
in  the  ion-dipole-bond  complex,  [Co(NH3)6]Cl2,  to  be  2.5  A  an  in  e 


44  H.  Brintzinger  et  al.,  Z.  anorg. 
papers  in  this  series. 

45 1.  Lifschitz,  J.  G.  Bos,  a«d  T\. 

(1939). 
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covalent-bond  complex,  [Co(NH3)6]C13,  to  be  1.9  A.  It  is  interesting 
to  note  that  these  distances  are  very  close  to  the  sums  of  the  ionic 
(Co++  =  0.82,  A-3  =  1.71)  and  the  covalent  (Co111  =  1.22,  N  =  0.7 ) 
radii,  respectively,  of  cobalt  and  nitrogen  as  given  by  Pauling.46 

3.  Stereochemical  evidence.  Werner’s47  recognition  of  stereoisom¬ 
erism  among  the  coordinated  salts  of  the  transition  elements  opened 
\  up  a  new  field  of  work.  Covalent  bond  angles  primarily  determine  the 
coordination  about  the  central  atom  in  covalent  compounds,  but  in 
ionic  substances  electrostatic  forces  are  equal  in  all  directions,  and  the 
cation  can  attract  any  number  of  polar  molecules.  The  actual  number 
depends  chiefly  upon  the  size  and  shape  of  the  polar  molecules  that 
can  crowd  around  the  cation  like  a  litter  of  puppies  feeding  from  their 
mother.  The  octahedral  structure  of  the  six-coordinated  complexes 
of  cobalt,  [Coa4bc]++,  can  be  represented  by  the  conventional  projec¬ 
tion  diagrams  VI  and  VII.  An  example  is  the  dichlorotetramine 


cobaltic  chloride  [Co(NHj)4C12]C1  which  can  be  prepared  in  a  bright 

heldnbtThif  ,a  Vi°‘et  Ci<<  f0rm'  Any  tW0  Cis  positions  ^ 

eld  by  a  b.functional  group,  such  as  ethylenediamine  (en)  which  rives 
nae  to  the  ex.stence  of  both  ci,trans  isomerism  and  optical  isomerism 


trans 

VIII 


cis 

IXa 
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A.  Werner,  Z.  anorg.  Chem.,  3,  269  (1893 
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Structures  VIII,  IXa,  and  IXb  are  diagrammatic  sketches  of  the  trans 
isomeride  and  the  two  optical  isomers  of  the  cis  isomeride,  respectively. 
The  isolation  of  such  optical  isomers  was  achieved  by  Werner  in  191 1 48 
by  resolving  the  complex  [Coen2NH3Cl]Br2  into  its  two  enantio- 
morphs.  In  general,  the  isomers  are  stable  complexes  which  retain 
their  properties  in  solution  and  do  not  have  vapor  dissociation  pres¬ 
sures,  indicating  that  they  are  of  the  covalent  type.  The  phenomenon 
of  stereoisomerism  necessitates  directed  covalent  bonds,  while  the 
operation  of  electrostatic  forces  is  undirected.  Hence,  if  stereo¬ 
isomers  can  be  isolated,  it  immediately  suggests  that  the  atomic  aggre¬ 
gate  consists  of  directed  covalent  bonds. 

4.  Magnetic  evidence.  Evidence  from  magnetic  measurements, 
which  offers  the  strongest  criterion  of  bond  type,  will  be  discussed  in 


Chapter  7. 

Probably  all  ions  in  aqueous  solution  are  hydrated,  with  usually 
2,  3,  4,  6,  or  8  water  molecules  attached.  Certain  anions,49  notably 
sulfate  ions,  appear  to  be  associated  in  crystallized  salts  with  water  of 
crystallization,  but  there  is  a  lack  of  evidence  of  well-defined  hydration 
of  anions  in  solution.  In  copper  sulfate  pentahydrate,  [Cu(H20)4]- 
S04-H20,  for  example,  four  of  the  water  molecules  are  bonded  to  the 
copper  ion  and  one  water  molecule  is  bonded  to  the  sulfate  ion.  Sidg- 
wick50  suggested  that  the  water  molecule  is  attached  to  the  sulfate 
oxygen  atoms  by  hydrogen  bonds,51  and  this  viewpoint  has  been 
substantiated  by  an  experimental  study  of  copper  sulfate.62 

2  7b.  Olefin-cation  complexes.  Compound  formation  through 
coordinate  covalent  bonding  is  quite  prevalent.  In  fact,  it  is  acid- 
base  neutralization  in  the  Lewis  sense,  but  a  formal  treatment  of  the 
electron  theory  of  acids  and  bases  will  not  be  given  here.63  Aside 
from  the  Werner-type  salts,  there  are  three  broad  classes  of  complexes 
that  are  of  considerable  interest,  namely,  the  olefin-cation  complexes, 

the  aromatic  tt  complexes,  and  the  chelates.  c 

Recognition  that  certain  ions  form  soluble  complexes  with  olefins 
has  been  the  basis  for  the  analytical  practice  of  using  aqueous  solutions 
of  cuprous,  silver,  or  mercuric  ions  to  absorb  olefins.  Complex  forma¬ 
tion  in  solution  can  be  measured  simply  by  determining  the  increase 


48  A  Werner,  Ber.,  44,  1887  (1911). 

SSml-  Theory  of  Valence,  Clarendon  Press,  Oxford, 

E"  «°See  Sec.  2.8b  for  discussion  of  hydrogen  bonds.^^  ^ 

!!  w.  F.  LSr/andl  Zuffanti,n Thl°Electronic  Theory  of  Acids  and  Bases,  Wiley, 
New  York,  1946. 
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in  solubility  of  the  olefin  in  an  aqueous  solution  of  the  metal  ion  over 
that  in  pure  water.  On  the  other  hand,  certain  salts,  notably  the 
platinous,  cuprous,  and  mercuric  chlorides,  form  stable  solid  complexes 
with  olefins.  The  soluble  complexes  have  the  typical  formula  B  :Me+n, 
where  B  represents  an  olefin  and  Me  is  a  cation  of  valence  n,  and  the 
solid  complexes  can  be  represented  by  the  formula  MeX„  :B,  where  Xn 
indicates  n  halide  ions.  Several  formulas  have  been  proposed  to 
designate  the  electronic  structure  of  these  complexes,54  but  the  most 
reasonable  is  that  suggested  by  Winstein  and  Lucas,55  wherein  the  p 
orbitals  of  the  olefinic  carbon  atoms  and  the  valence  orbital  of  the 
cation  form  a  7r-type  molecular  orbital  and  the  resulting  complex  ion, 
say  from  Ag+,  is  a  resonance  hybrid  of  the  four  forms,  X,  XI,  XII,  and 
XIII. 
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This  formulation  is  supported  by  some  evidence  obtained  in  a  Raman 
spectral  study56  from  which  it  was  shown  that  the  C  =  C  bond  of  the 
olefin  is  weakened  in  complex  formation.  The  contribution  of  XIII 
probably  accounts  for  the  fact  that  neither  cis  nor  trans  isomers  are 
racemized  while  in  contact  with  aqueous  silver  solutions. 

From  the  temperature  coefficient,  Winstein  and  Lucas  found  a 
All  of  6  kcal/mole  for  complex  formation  of  silver  ion  with  either 
tnmethylethylene  or  cyclohexene.  They  point  out  that  this  value 
is  for  the  reaction 


B  +  Ag(H20)2+  =  B(H20)Ag+  +  H20 

and  that  the  energy  of  bond  formation  between  the  olefin  and  silver 

ion  is  probably  larger  because  to  this  should  be  added  the  — AH  for 
the  reaction 


H20  +  (H20)Ag+  =  Ag(H20)2+ 

It  is  comparable,  however,  to  -6.7  kcal,  or  one-half  the  value  for 
coordination  of  two  ammonia  molecules  with  one  silver  ion  in  aqueous 
solution.  If  water  is  too  firmly  held  by  the  cation,  complex  forma- 

comZ^prif' «?80  095^“  0n  the  8trUCtUre  °f  °‘efin  COOrdinati»n 

R.  S.  uZ^nd D^reiman*/  ’’a  Amrfhem„  Soc 60'  836  0938);  H.  J.  Lucas, 
(1941 )  ,6n’  M'  J'  Murray’ aad  F-  F-  Cleveland,  J.  Am.  Cheln.  Soc.,  63, 3600 

<1937)W'  V'  Smi‘h'  0>  L-  Br°Wn>  and  K'  S-  pitzer,  J.  Am.  Chem.  Soc.,  59,  1213 
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t  ion  w  it h  the  olefin  is  prevented.  Thus  some  ions  which  form  ammonia 
complexes  do  not  add  olefins  under  the  conditions  used  by  Winstein 
and  Lucas  with  silver  and  mercuric  ions.58  They  found  that  the  ions, 
Cd++,  Co++,  Cr+++,  Cu++,  Fe+++,  Ni++,  Pb++,  Th++,  and  Zn++ failed  to 
form  olefin  complexes.59  It  is  difficult  to  ferret  out  the  properties  of 
the  cations  which  lead  to  compound  formation  with  the  olefins.54  For 
instance,  cuprous,  silver,  and  mercuric  ions  each  have  vacant  outer  s 
orbitals,  but  so  do  some  other  ions  which  do  not  form  complexes, 
such  as  Cd++.  The  tetrahedral  covalent  radii  decrease  in  the  order 
Ag  >  Hg  =  Cd  >  T1  >  Pb  >  Cu  >  Zn,  while  the  electronegativi¬ 
ties,  based  on  their  positions  in  the  periodic  table,  increase  approxi¬ 
mately  in  the  order  Pt,  Hg,  Cr,  Fe,  Co,  Ag,  Ni,  Cd,  Zn.  Probably 
such  factors  greatly  affect  the  ability  of  the  cation  to  polarize  the 
ethylenic  linkage  of  the  olefin,  but  the  relative  influence  of  each  is  not 
clear.  In  this  connection,  Keefer,  Andrews,  and  Kepner60  have  found 
complex  formation  of  cuprous  and  silver  ions  to  be  less  with  a,/3-unsatu- 
ratecl  acids  than  with  a,/3-unsaturated  alcohols.  This  is  understand¬ 
able,  inasmuch  as  the  carboxyl  group  decreases  the  electron  density 
at  the  ethylenic  bond  through  both  resonance  (Chapter  8)  and  induc¬ 
tion  (Chapter  6).  They  found  the  complexes  with  cuprous  ion  to  be 
much  more  stable  than  the  corresponding  complexes  of  silver  ion. 

Of  the  solid  olefin-salt  complexes,  those  of  platinum  have  been 
characterized  the  best.61  Largely  of  two  general  types,  (PtX2:B)2 
and  PtX2BAm,  where  X  is  an  anion,  B  the  olefin,  and  Am  an  amine, 
these  platinum  complexes  of  varying  stability  are  crystalline,  but  not 
sharp-melting.  They  decompose  in  water,  but  are  soluble  in  typical 
organic  solvents. 

The  value  of  the  olefin  complexes  is  to  serve  as  intermediates  or 
catalysts  in  industrial  processes,  such  as  polymerization  of  unsaturated 
hydrocarbons,  hydration  of  olefins,  and  high-pressure  hydrogenation. 

2.7c.  Aromatic  7t-bond  complexes.  The  basic  character  of  aro¬ 
matic  nuclei  has  been  revealed  a  short  time  ago  by  a  number  of 
experimental  data.  Anderson  and  Keefer62  studied  the  solubilities 
of  aromatic  compounds  in  aqueous  silver  nitrate,  and  their  data  indi- 


58  J.  Chatt  has  reviewed  recently  the  addition  compounds  of  olefins  with  mer¬ 
curic  salts,  Chem.  Revs.,  48,  7  (1951).  .  • 

59  It  is  notable  that  six  of  these,  the  ions  of  cadmium,  chromium,  copper,  iro  , 
nickel,  and  zinc,  do  form  complexes  with  mesitylene  on  the  surface  of  silica  gel. 

See  also  footnote  65.  ,  Q  71 

R.  M.  Keefer,  L.  J.  Andrews,  and  R.  E.  Kepner,  ./.  Am.  Chevi.  Soc.,  71,  390b 

N.  Keller,  Chem.  Revs.,  28,  220  (1041);  J.  Chatt,  Ann.  Repts.  Progress 

Chevi.  Soc.,  43,  120  (1946).  &  7i  0044  n Q491  ■  72, 

«2  L.  j.  Andrews  and  R.  M.  Keefer,  J .  Am.  Chem.  Soc.,  71,  3644  (lJ4yj,  u, 

3113,  5034  (1950). 
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cate  that  two  water-soluble  complexes  are  formed,  AgB+  and  Ag2B++, 
where  B  is  an  aromatic  compound.  Several  investigators63  have 
shown,  chiefly  by  spectrophotometric  methods,  that  iodine,  biomine, 
iodine  monochloride,  and  sulfur  dioxide  form  complexes  with  aiomatic 
compounds  of  the  general  formula  BA,  where  B  is  an  aromatic  molecule 
and  A  is  the  addend.  Brown  and  his  co-workers64  have  attributed  the 
solubility  of  hydrogen  chloride-aluminum  chloride  in  aromatic  and 
unsaturated  hydrocarbons  to  7r-complex  formation.  Jura,  Grotz, 
and  Hildebrand65  are  studying  by  colorimetric  methods  complex 
formation  between  aromatic  hydrocarbons  and  inorganic  salts  on 
the  surface  of  silica  gel.  Finally,  McCaulay  and  Lien66  have  found 

Table  2.6 


Equilibrium  Constants  for  Complexes  of  Aromatic  Compounds  with  Silver 

Ion,  Halogens,  and  Sulfur  Dioxide67 


Substance 

P<t>:A  g+ 

XT>:Br2 

XT;  ici 

XT;  S02 

Chlorobenzene . 

0.69 

0.90 

2.24 

0.3 

Bromobenzene . , . 

0.97 

1.18 

3.43 

Benzene . 

2.41 

1.04 

4.76 

0.47 

Toluene . 

2.95 

1.44 

7.97 

0.79 

p-Xylene . 

2.63 

2.26 

13.4 

1.34 

o-Xylene . 

2.89 

2.29 

15.4 

1.65 

m-Xylene . 

3.03 

2.16 

16.0 

1.49 

methyl  benzenes  sufficiently  basic  to  be  extractible  with  HF — BF3 
in  the  vapor  or  liquid  state.  In  each  of  these  studies,  there  is  a  parallel 
tendency  for  interaction  with  increasing  donor  character  of  the  aro¬ 
matic  molecules.  For  illustration,  in  Table  2.6  are  listed  some  equilib- 
lium  constants  for  complex  formation  of  aromatic  compounds  with 
silver  ions,  halogens,  and  sulfur  dioxide.  Identical  orders  are  not 
found  in  the  three  columns  although  the  general  trend  is  the  same. 
In  some  cases  the  apparent  anomalies  can  be  attributed  to  steric 


U94SY  1f’J64  <1949)’  F-  ^brother,  J .  Chem.  Soc.,  1051 

(1J48),  J.  H.  Hildebrand,  H.  A.  Benesi,  and  L.  M.  Mower  J  Am  Chpm  <?«/.  70 

3978  (1948);  71  2703  (.949);  72.  ,017  (1950);  R.  AR^Keefer  and  Iw”  Andrews' 
J  Am.  Chem  Soc.  72,  4677,  5170  (1950);  73,  4169  (1951);  N.  W.  Blake  H  Win- 
ston  and  J  A.  Patterson,  J.  Am.  Chem.  Soc.,  73,  4437  (1951)-  J.  S  Ham  T  P 
Platt,  and  H.  McConnell,  J.  Chem.  Phys.,  19,  1301  (1951)  ’ 

P  ^  H’i?8+?r°Wn’  and  J'  Brady’  J ■  Am ■  Chem.  Soc.,  71,  3573  (1949)-  Abstracts  of 
•‘G.  Jura  r&ot*  ^eiAHeHC?','  ,Chemical  Society.  Chicago,  1950,  p.  50(/ 
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hindrance.  For  instance,  mesitylene  would  be  expected  to  have  a 
greater  tendency  for  complex  formation  than  benzene,  toluene,  and 
the  xylenes,  but  it  is  found  to  be  less  than  even  that  of  benzene,  due  to 
steiic  inteifeience  from  the  o-methyl  groups.  Complex  formation 
between  aromatic  hydrocarbons  and  silver  ion  is  evident  from  the 
fact  that  the  solubility  of  toluene  in  water  is  greatly  reduced  by 
potassium  nitrate  (salting  out  effect)  whereas,  of  course,  it  is  increased 
by  silver  nitrate. 

The  exact  nature  of  the  binding  in  these  complexes  is  not  completely 
understood  yet.  There  is  probably  some  7r-bond  formation  wherein 
a  pair  of  the  it  electrons  of  the  aromatic  molecule  is  shared  with  the 
addend,  the  latter  being  located  above  or  below  the  plane  of  the 
nucleus.68-69  The  bond  is  formed  not  with  any  particular  nuclear 
carbon  atom  but  with  the  ring  at  large,  giving  rise  to  a  resonance 
hybrid.  In  addition,  there  are  varying  contributions  to  the  bonds 
from  van  der  Waals  and  dipole-induced  dipole  forces.  Probably  the 
term  intermolecular  semipolar  bond,  suggested  by  Woodward70  to 
describe  the  binding  forces  in  molecular  addition  compounds  (Sec. 
2.8a)  is  a  logical  name  to  adopt  for  such  coordinate  covalent  bonds. 
Nevertheless,  it  is  known  that  there  is  an  unsymmetrical  charge 
distribution  in  these  complexes,  for  although  nonpolar  molecules  such 
as  iodine,  aluminum  bromide,  and  stannic  chloride  do  not  have  dipole 
moments  in  hexane,  they  do  have  moments  in  benzene,  which  are 
attributable  to  7r-complex  formation. 

It  is  believed  that  these  r  complexes  are  intermediates  in  electro¬ 
philic  aromatic  substitution  (Chapter  10).  For  instance,  the  efficacy 
of  catalysts  for  the  Friedel-Crafts  reaction,  such  as  aluminum  chloride, 
antimony  chloride,  and  arsenic  chloride,  decreases  in  the  decreasing 
order  of  their  acidity,  and  too,  the  compounds  CeHe^SbCR  and 
C6H6:2SbBr3  have  been  isolated. 

2.7d.  Chelates.  A  fourth  group  of  compounds  in  which  the 
coordinate  covalent  bond  is  important  is  the  chelates.  Chelate  com¬ 
pounds  are  used  now  in  almost  every  field  of  chemical  activity,  ranging 
from  dyestuffs  through  the  very  broad  application  in  analytical 
chemistry  to  the  mechanism  of  enzyme  reaction.  Reagents  which 
form  metal  chelates  are  used  extensively  in  both  qualitative  and 
quantitative  analysis.  Dimethylglyoxime,  8-hydroxy  quinoline,  cup- 


68  R  M  Keefer  and  L.  J.  Andrews  [J.  Am.  Chem.  Soc.,  72,  5170  (1950)]  suggest 
the  axis  of  the  halogen  molecule  in  these  complexes  is  perpendicular  to  the  plane 
of  the  aromatic  ring  while  Mulliken  [J .  Am.  Chem.  Soc.,  72,  GOO  (1950)]  believes 
that  the  axis  of  the  halogen  is  parallel  to  the  plane  of  the  ring. 

88  This  structure  is  supported  by  the  crystal  analysis  of  AgClOoC^e  made 
by  R.  E.  Rundle  and  J.  H.  Goring  [./.  Am.  Chem.  Soc.,  <2, ,533/  (1950)]. 

70  R.  B.  Woodward,  J.  Am.  Chem.  Soc.,  64,  3058  (1942). 
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ferron,  Fehling  solution,  o-phenanthroline,  and  aluminon  are  examples 
of  substances  indispensable  in  analytical  separations  and  precipita¬ 
tions.  Aminopolycarboxylic  acids  which  have  the  special  property 
of  forming  water-soluble  chelates  are  used  where  removal  of  metallic 
ions  is  desirable,  such  as  the  softening  of  water,  negative  catalysis,  and 
clarification  of  solutions.  Very  recent  developments  in  the  use  of 
chelating  agents  in  cation  exchange  resins  and  solvent  extraction  have 
been  particularly  useful  in  separation  of  radioactive  metals. 

The  term  chelate,  proposed  by  Morgan  and  Drew71  is  derived  from 
the  Greek  word  chela,  meaning  claw,  and  appropriately  describes  this 
class  of  compounds.  When  a  molecule  contains  two  coordinating 
atoms  in  such  a  position  that  the  two  atoms  may  form  bonds  with  a 
third  single  atom  (usually  a  positive  ion)  and  thus  close  a  ring,  the 
resulting  complex  is  a  chelate  compound.  The  ring-closing  atom  is 
then  held  in  a  molecular  claw.  Bond  angle  requirements  restrict  the 
most  favorable  structures  for  chelation  to  a  five-membered,  singly 
bonded  ring  or  a  six-membered  ring  with  two  double  bonds.  The 
complexes  of  cupric  ion  with  glycine  and  acetylacetone  are  examples  of 
these  two  groups  of  chelates,  respectively. 


\ 


// 


O 


/C-°X  /°-Cx 
H2C  ,Cu  ch2 

\  X  ''v  / 
H2N'  TnH2 


Cupric  glycine 


H3C  ch3 

\  / 

C-0  O-C 
//  \  /  \ 

HC  Cu  CH 

\  /  \  / 

c=o  o=c 

h3c  'ch, 

Cupric  acetylacetone 


The  dotted  line  is  used  to  indicate  the  bonds  formed  by  one  atom 
through  donation  of  a  pair  of  electrons  for  coordinate-bond  formation, 
although  in  many  of  the  six-membered  chelate  rings  there  is  little 
difference  between  the  bonds  attached  to  the  central  atom.  For 
example,  the  two  structures  XI Va  and  XI Vb  for  cupric  acetylacetone 
aie  equivalent  making  the  four  bonds  to  copper  identical. 


H3C^  CH3 

c-q  o-c7 

HC  Cu  XCH 

/C=o"  Wc7 

HaC  CH3 

XlVa 


H3C  ch3 

\  / 

/C=Q  ,0=c 

H\  fi 

c-0  o-c 

/  \ 

H*C  CH3 

XlVb 


Amino  nitrogen,  and  carbonyl  or  hydroxyl  oxygen  atoms,  possess 
"  G'  T'  Morgan  and  H-  D-  K-  Drew,  J.  Chem.  Soc.,  117,  1456  (1920). 
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unshared  electron  pairs,  and  are  by  far  the  most  common  atoms  to 
form  the  chelate  ring  through  coordination  without  replacement  of 
hydrogen.  Chelate  compounds  possess  any  degree  of  stability  ranging 
fiom  those  which  are  saltlike  in  that  they  ionize  in  aqueous  solution 
and  are  slightly  soluble  in  organic  liquids,  to  those  which  are  volatile 
at  ielati\  ely  low  temperatures  and  are  appreciably  soluble  in  organic 
liquids. 

Much  work  has  been  done  on  preparation  and  determination  of 
structure  of  chelate  compounds,  with  the  greatest  attention  being 
focused  upon  the  types  of  rings  formed72  and  the  stereo  structure  and 
isomerism  of  chelates.73  A  third  point  of  interest,  and  the  one  of 
concern  for  this  discussion,  is  the  nature  and  strength  of  the  bonds  in 
chelate  rings.  This  has  been  investigated  by  Calvin  and  his  co-work¬ 
ers,74  who  found  certain  factors  which  affect  the  relative  stability  of 
chelate  compounds.  Several  types  of  studies  were  made,  all  of  which 
lead  to  the  same  general  conclusions  about  the  stabilizing  factors. 
The  experimental  methods  included  a  study  of  (1)  the  rate  of  exchange 
of  a  chelated  copper  atom  with  a  radioactive  cupric  ion,  (2)  the 
potential  required  to  reduce  the  chelated  cupric  atom  at  a  dropping 
mercury  electrode  in  aqueous  pyridine  solution,  (3)  the  shift  of  the 
maximum  absorption  band  of  copper  through  chelation,  (4)  the 
removal  of  chelating  compound  from  solution  by  a  metal  ion  as  deter¬ 
mined  by  titration,  and  (5)  the  dependence  of  the  stability  of  the  che¬ 
late  ring  upon  the  type  of  metal  ion. 

The  results  of  this  work  led  Calvin  and  his  group  to  the  conclusion 
that  the  stability  of  six-membered  chelate  rings  is  largely  due  to 
resonance  between  such  forms  as,  say  XVa  and  XVb,  and  any  effect 
which  tends  to  decrease  this  resonance  will  reduce  the  stability  of  the 
chelate. 


A  A 

\  / 

c-o  p-c 

//  \  /  W 

B— C  Cu  C— B 

w  w 

E7  XE 

XVa 


A  A 

\  / 

/=o,o=c 

\  9\ 

C-X  x-c 
E/  \ 

XVb 


Several  effects  were  observed  to  affect  the  relative  stability  of  these 
chelate  compounds. 


72  H.  Diehl,  Chem.  Revs.,  21,  39  (1937). 

73  P.  Pfeiffer,  Angew.  Chem.,  53,  93  (1940). 

74  M  Calvin  et  al.,  “The  Stability  of  Chelates,” 
(1945);  68,  557,  949  (1946);  70,  3270,  3273  (1948). 
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1.  Basicitij  of  atoms  X.  For  a  series  of  chelates, 


where  A  may  be  varied  to  change  the  basicity  of  the  nitrogen  atom,  the 
order  of  increasing  stability  was  found  to  be  A  =  NO 2  <  S03Na 
<  C6H5  <  Ii  <  CH3  <  OH  <  OCH3.  With  the  exception  of  the 
inverted  order  of  OH  and  OCH3,  this  is  just  the  order  of  increasing 
base  strength  of  the  corresponding  anilines.  Thus  the  more  available 
the  coordinating  pair  of  electrons,  the  stronger  is  the  coordination  bond 
formed  with  the  metal. 

2.  Cross  conjugation.  Since  the  stability  of  these  chelates  is  attrib¬ 
uted  to  the  resonance  between  forms  such  as  XVa  and  XVb,  any  factor 
which  decreases  the  degree  of  “two-conjugated  double  bonds”  also 
decreases  the  stability  of  the  chelates.  For  example,  XVII  is  less 
stable  than  XVI  to  the  extent  that  XVII  is  difficult  to  prepare  and  is 


unstable  in  solution.  This  is  due  to  the  fact  that  the  Cx— C2  bond 
of  the  naphthol  nucleus  has  a  2/3  double-bond  character  while  the 
bond  has  only  a  1/3  double-bond  character.  Thus  there  is  a 
decrease  m  the  double-bondedness  of  the  carbon-carbon  bond  that  is 
common  to  the  chelate  and  the  aromatic  rings.  This  decreases  the 

resonance  of  the  chelate  rings,  and  subsequently  reduces  the  stability 
01  the  complexes. 

This  effect  of  the  double-bondedness  of  the  double  bond  between  the 
two  carbon  atoms  of  the  three-carbon  system  forming  the  conjugated 
chain  between  the  two  oxygen  atoms  is  also  revealed  in  the  series  of 

0f^ACetyl?Cet°ne  2_hy dr oxynaphthaldehy  de- 1  (B), 

ylaldehyde  (C),  and  2-hydroxynaphthaldehyde-3  (D). 
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The  bond  orders 75  (i.e.,  a  number  to  express  the  resemblance  of  a  bond 
to  a  pure  single  (=  1),  double  (=  2),  or  triple  (=  3)  bond)  for  the 
bonds  between  the  boldface  carbon  atoms  of  the  ions  above  are  2  for 
A,  1.67  for  B,  1.50  for  C,  and  1.33  for  D.  This  is  exactly  the  order  of 
decreasing  stability  of  the  copper  chelates.  Hunsberger76  has  shown 
also  by  infrared  spectroscopy  that  the  strengths  of  the  chelate  rings 
is  in  the  order  B  >  C  >  D  when  part  of  intramolecular  hydrogen 
bonds. 

An  additional  illustration  of  the  effect  of  cross  conjugation  is  found 
in  the  series  of  compounds,  copper  acetylacetone,  XVIII,  copper 
methyl  acetoacetate,  XIX,  and  copper  salicylaldehyde,  XX. 


H3C  ch3 

C-0  O-C 
//  \  /  \\ 

HO  Cu  CH 

)c=d  b=c 
/  \ 
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In  XIX,  the  ester  resonance 
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Hall, 
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G.  E.  K.  Branch  and  M.  Calvin,  The  Theory  of  Organic  Chemistry ,  Prentice- 
New  York,  1941,  p.  113. 

I.  M.  Hunsberger,  J.  Am.  Chem.  Soc.,  72,  5620  (H  oO). 
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2.7] 


and  in  XX,  the  aromatic  Kekul6  resonance 


compete  with  that  of  the  chelate  ring.  Thus  both  XIX  and  XX  are 
less  stable  than  is  XVIII.  It  is  noteworthy  that  there  is  this  decrease 
in  stability  of  XIX  in  spite  of  the  fact  that  the  ester  resonance  actually 
increases  the  availability  of  electrons  at  the  carbonyl-oxygen  atoms. 

3.  The  effect  of  joining  the  X  atoms.  The  most  pronounced  effect 
on  stability  was  brought  about  by  binding  together  the  X  atoms  of 
structure  XV.  For  illustration,  there  is  a  marked  increase  in  stability 
in  going  from  the  open  structures,  XXI  and  XXII,  to  the  closed  struc¬ 
tures,  XXIa  and  XXI la,  respectively. 


HC=N  N=CH 


H3C  ch3 
XXI 


HC=N  N=CH 
1  I 

h2c— ch2 

XXIa 


4.  Steric  effect.  The  stability  of  XXIII  is  intermediate  between 


open-ring  type,  and  the  reduction  in  stability 


that  of  a  closed  and 
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from  a  closed-ring  type  is  thought  to  be  due  to  a  steric  effect,  for 
molecular  models  show  that  the  molecule  cannot  be  planar  about  the 
copper  atom.  If  planarity  is  required  for  resonance  in  the  chelate 
ling,  this  divergence  from  planarity  then  decreases  the  resonance,  and 
hence  the  stability  of  the  complex. 

5.  Correlation  of  stability  with  spectra.  In  the  absorption  spectral 
studies  of  the  chelates,  it  was  found  that  chelation  causes  a  decrease 
in  the  wavelength  of  maximum  absorption  by  the  ions  which  parallels 
the  stability  of  the  complexes.  This  is  the  normal  trend  for  molecules 
in  which  the  chief  resonance  occurs  in  the  ground  state  of  the  molecule. 
There  is  a  stabilization  of  the  ground  state  with  respect  to  the  excited 
states,  which  makes  a  larger  difference  between  the  energies  of  the 
two  states,  and  hence  absorption  of  ultraviolet  light  at  shorter  wave¬ 
lengths  (see  Sec.  9.4a).  Therefore  the  greater  the  resonance  in  the 
chelate  ring,  which  is  accompanied  by  an  increase  in  stability  of  the 
complex,  the  shorter  is  the  wavelength  of  maximum  absorption  for  a 
given  chelated  metal  ion. 

The  relative  stabilities  of  chelates  with  regard  to  the  metal  ion 
have  also  been  studied.  Calvin  and  Melchoir77  studied  the  complexes 
of  5-salicylaldehyde  sulfonic  acid,  Merritt  and  co-workers78  studied 
the  chelates  of  substituted  8-hydroxyquinoline,  Maley  and  Mellor79 
studied  the  complexes  of  a  number  of  aminoacids,  and  Yamasaki  and 
Sone80  studied  the  chelates  of  acetylacetone.  All  four  groups  found 
the  order  of  decreasing  stability  of  chelates  with  respect  to  the  metal 
ion  to  be  Cu++,  Ni++,  Co++,  Zn++,  Cd++,  Mn++,  Pb++.  Irving  and 
Williams81  too  found  essentially  this  same  trend  in  the  stability  of 
complexes  whether  the  ligands  be  ammonia,  ethylenediamine,  pro- 
pylenediamine,  or  salicylaldehyde.  A  generalization  about  this  oidei 
is  lacking,  although  there  is  small  correlation  with  electronegativity 
and  with  type  of  electron  orbitals  of  the  metal  ions  which  are  available 
for  bond  formation. 

The  study  of  relative  stabilities  of  chelates  can  lead  to  an  under¬ 
standing  of  various  phenomena.  For  instance,  in  a  study  of  the 
inhibiting  effect  of  cobalt  on  various  aerobic  and  anerobic  organisms 
and  tumors,  Burk  and  his  collaborators82  observed  that,  of  a  number 


77  M.  Calvin  and  N.  C.  Melchoir,  ./.  Am.  Chem.  Soc.,  70,  3270  (1948). 

78  L.  L.  Merritt,  Jr.,  Record  Chem.  Progress,  Spring  issue,  59,  (194 Jj;  J .  Ai 


Chem.  Soc.,  71,  3986  (1949). 

79  L.  E.  Maley  and  D.  P.  Mellor,  Nature,  165,  453  (1950). 

80  K.  Yamasaki  and  K.  Sone,  Nature,  166,  998  (1950). 

87  H.  Irving  and  R.  J.  P.  Williams,  Nature,  162,  746 *  (1948>* 

82  D  Burk  et  al.,  Proc.  Am.  Assoc.  Cancer  Research  6,  49/  (1J40). 
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of  aminoacids  tested,  histidine  and  two  of  its  derivatives  were  able 
to  nullify  the  inhibiting  effect  of  the  metal.  In  the  work  of  Maley  and 
Mellor,79  the  stability  constants  of  a  number  of  aminoacids  with  several 
metal  ions  were  measured,  and  it  was  found  that  histidine  formed  the 
stablest  complexes.  Thus,  as  Maley  and  Mellor  point  out,  here  is  a 
quantitative  basis  for  the  explanation  offered  by  Burk  and  his  group 
for  the  mechanism  of  the  nullifying  action  of  histidine.  Evidently 
the  complex  with  histidine  is  at  least  sufficiently  stable  to  overcome 
the  inhibiting  effect  of  metal  ions,  and  other  compounds  which  would 
form  complexes  equally  stable  to  that  of  histidine  would  behave 
similarly. 


Supplementary  Reading 

1.  A.  E.  Martell  and  M.  Calvin,  Chemistry  of  the  Metal  Chelate  Compounds , 
Prentice-Hall,  New  York,  1952. 

2.  A.  R.  Burkin,  “The  Stabilities  of  Complex  Compounds,”  Quart.  Rev.  Chem. 
Soc.  London,  Y,  1  (1951). 

3.  P.  Pfeiffer,  Angew.  Chem.,  53,  93  (1940). 


2.8  Dipole-dipole  interactions 

A  third  type  of  electrostatic  interaction  is  one  between  the  oppo¬ 
sitely  charged  ends  of  two  dipoles.  Such  forces  are  expected  to  be 
weak  and  hardly  likely  to  lead  to  a  bond  that  conforms  to  the  definition 
adopted  at  the  beginning  of  this  chapter.  They  are  manifest  in 
Trouton  s  constant,  A H/T  =  C,  the  ratio  of  the  molar  heat  of  vapori¬ 
zation  to  the  absolute  boiling  point.  This  relationship  serves  as  a 
good  index  of  weak  association,  the  term  applied  when  molecules  cling 
together  through  some  form  of  weak  attraction.  Two  cases  where 
there  are  moderately  strong  dipole-dipole  interactions  are  found  in  the 
so-called  organic  molecular  addition  compounds  and  in  hydrogen  bonds.83 

2.8a.  Organic  molecular  addition  compounds.  Addition  com¬ 
pounds  between  neutral  covalent  substances  long  have  held  the  interest 
o  organic  chemists.  The  most  common  types  have  been  those  of 
qmnones  with  phenols  or  amines,  a  typical  example  being  quinhydrone, 

such  Ween/  y7tr°  <;ompounds  and  "omutic  hydrocarbons, 

T,  the  piCrates-  !t  “  falrly  well  established  now  that  these 

interlc  ”ns  st  n  TT"*  °'Ve  ^  Stability  t0  <^ostatic 

teractions,  supposedly  due  to  polarization  of  one  component  by  the 

quate  to  explain  the  rna^sVf'data  o^the  h  ''a  dlP°^e~<*1Pole  icteraction  is  inade- 
Eng.  News,  29,  1633  (1951))  onding  force  of  hydrogen  bonds  {Chem. 
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other.84  The  experimental  observations  which  support  this  viewpoint 
in  favor  of  the  earlier  proposal  of  covalent  binding  are  as  follows. 

1.  The  interatomic  distances  between  the  two  components,  3-3.5  A, 
are  found  by  x-ray  diffraction  measurements  to  be  too  long  for  covalent 
bonds.85 

2.  Molecules  such  as  trinitrobenzene  and  p-dinitrobenzene,  which 
do  not  have  electric  dipole  moments,  do  have  moments  in  solutions 
where  molecular  compounds  are  formed.  Thus  they  have  no  moments 
in  CC14  or  CHCI3  but  do  have  moments  in  benzene,  naphthalene,  or 
dioxane. 

3.  Molecular  addition  compounds  are  formed  and  decomposed 
so  readily  that  the  formation  and  breaking  of  covalent  bonds  is 
improbable.86 

4.  Small  but  measurable  conductivities  have  been  observed  for 
some  molecular  addition  compounds  in  liquid  sulfur  dioxide. 

Moreover,  substitution  into  an  addition  compound,  A+B-,  affects 
its  stability  in  accordance  with  the  donor-acceptor  viewpoint.  That 
is,  electron-donor  groups  in  A,  or  electron-acceptor  groups  in  B,  lead 
to  a  greater  binding  energy  between  A  and  B.87  This  explains  the 

84  G.  W.  Wheland,  Advanced  Organic  Chemistry,  2d  ed.,  Wiley,  New  York, 
1949,  p.  68;  W.  S.  Rapson,  D.  H.  Saunder,  and  E.  T.  Stewart,  J.  Chern.  Soc.,  1110 
(1946);  J.  Weiss,  J.  Chem.  Soc.,  245  (1942);  G.  Briegleb,  Z.  physik.  Chem.,  B31, 
58  (1935);  J.  W.  Baker  and  G.  M.  Bennett,  Ann.  Repts.  Chem.  Soc.  London,  28,  134 

Several  persons  (S.  Lai  and  N.  Khan,  Current  Sci.,  13,  312  (1944),  F.  G. 
Baddar  and  H.  Mikhail,  J.  Chem.  Soc.,  590  (1944);  2927  (1949);  R.  J.  LeFevre, 
Trans  Faraday  Soc.,  38,  210  (1937))  subscribe  to  this  viewpoint  because  the  mag¬ 
netic  susceptibilities  of  naphthalene  picrate  and  of  quinhy drone  are  close  to  the 
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CHjO  OCH, 
XXV 


87  C.  A.  Buehler  et  al.,  J.  Am.  Chem. 
lications. 
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superiority  of  trinitrobenzene  over  picric  acid  as  a  complexing  agent. 
Furthermore,  the  stability  of  some  quinhydrones  has  been  found  to 
parallel  the  oxidation  potentials  of  the  respective  quinones,  indicating 
that  compound  formation  is  favored  by  increased  electron  affinity 
of  the  acceptor  molecules. 

The  two  prominent  factors  contributing  to  stability  of  molecular 
addition  compounds  A+B~  are  (1)  the  amount  of  polarization  that 
occurs  between  the  components  A  and  B,  and  (2)  steric  requirements 
of  A  or  B.  Comment  has  been  made  already  concerning  the  first 
factor.  Convincing  evidence  has  been  presented  recently88  in  support 
of  the  steric  factor.  Several  x-ray  diffraction  studies86  have  shown 
that,  in  general,  the  crystalline  addition  compounds  consist  of  alter¬ 
nate  layers  of  the  two  components.  If  the  donor  molecule  is  non- 
planar,  the  approach  of  the  acceptor  molecule  is  sterically  hindered,  and 
complex  formation  is  then  made  more  difficult  because  the  nonplanarity 
increases  the  distance  through  which  the  attractive  forces  must 
operate.  For  instance,  trans  stilbene  forms  a  picrate  but  the  cis 
isomer  does  not.  Again,  the  nonplanar  molecule,  1-phenylnaph- 
thalene  fails  to  form  a  picrate,  while  the  planar  isomer,  2-phenyl- 
naphthalene,  does.  For  the  same  reason,  2-isopropenylnaphthalene 
does  not  yield  a  picrate  although  2-isopropylnaphthalene  does. 

Molecular  addition  compound  formation  is  accompanied  usually 
by  a  deepening  in  color.  This  is  a  fortunate  circumstance,  for  it 
offers  a  convenient  method  for  quantitative  studies,89-90  and  is  a 
valuable  criterion  for  differentiating  between  acid-base  neutralization 
and  molecular  addition.91  For  instance,  picric  acid  can  react  in  two 
ways:  (1)  due  to  proton  transfer,  it  forms  salts  with  strong  bases  with 
which  there  is  little  color  enhancement,  and  (2)  it  forms  molecular 
compounds  with  weak  bases  with  which  there  is  a  deepening  in  color. 
By  measuring  the  color  change  at  different  temperatures,  Briegleb89 
and  his  co-workers  have  determined  the  heat  of  formation  in  solution 
of  a  number  of  addition  compounds  of  trinitrobenzene,  and  their 
results  are  listed  in  Table  2.7.  Although  the  figures  compare  in 
magnitude  with  those  for  the  heats  of  reaction  of  naphthalene  with 
pic-i  ic  acid  or  trinitrotoluene,  which  were  studied  cryoscopically,92  by 
RS  M.  Orchin,  J.  Org.  Chem.,  16,  1165  (1951). 

G.  Briegleb  et  al.,  Z  physik.  Chem.,  B31,  58  (1936);  B32,  305  (1936) 

&&&&  the 

9  F.  S.  Brown,  J.  Chem.  Soc.,  127,  345  (1925). 
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Table  2.7 

Ileats  of  Reaction  of  Hydrocarbons  with  sym-Trinitrobenzene  in  CCl , 

Solu  lion 


c6h6 . 

ch2=ch— ch=ch2 . 
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C6H6—  (CH=CH)3— c6h6 . 

C6H6—  (C=C%— c6h5 . 

Naphthalene . 

Anthracene . 


>RT  kcal/mole 
>RT  kcal/mole 
>RT  kcal/mole 
>RT  kcal/mole 
>RT  kcal/mole 
>RT  kcal/mole 
>  RT  kcal/mole 
1.81 
2.15 
1.47 
1 .61 
2.07 
3.21 
2.88 
2.45 
1.83 

3.4 

4.4 


emf  measurements,93  and  from  solubility  measurements,94  it  must  be 
pointed  out  that  these  measurements  were  all  made  in  solution  and 
have  neglected  heats  of  solution.  It  is  evident  from  some  of  the 
measurements  of  Briegleb89  that  the  effect  of  the  solvent  is  not  to  be 
neglected,  for  the  percentage  difference  between  the  heats  of  formation 
of  some  addition  compounds  in  two  different  but  similar  solvents  is 
considerable. 

in  CCh  in  C2H2C14 

anthracene:  m-dinitrobenzene .  2.2  kcal  1.5kcal 

anthracene:  sym-trinitrobenzene .  4.4  3.6 


There  is  no  obvious  correlation  between  structure  and  heat  of 
dissociation  of  the  addition  compounds  listed  in  Table  2.i.  Theie  aie 
some  isolated  trends  with  polarizability  of  the  hydrocarbons,  such  as 
the  sequence  benzene,  naphthalene,  and  anthracene.  This  same  oidei 
is  found  for  7r-complex  formation  by  these  hydrocarbons  (Sec.  2.7c). 
Anderson  and  Hammick95  too  found  the  stabilities  of  the  addition 
compounds  in  chloroform  between  picric  acid  and  benzene,  toluene, 
m-xylene,  or  mesitylene  to  parallel  closely  the  molecular  polarizabilities 

of  these  hydrocarbons. 


«  J.  N.  Bronsted,  Z.  phiysik.  Chem.,  78,  284  (1912) 

94  T.  S.  Moore,  F.  Shepherd,  and  E.  Goodall,  J.  Chem.  Soc 1447  \1931)- 

95  H.  D.  Anderson  and  D.  LI.  Hammick,  J.  Chem.  Soc.,  1089  (1J50). 
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The  molecular  addition  compounds,  particularly  those  with  trini- 
trofluorenone,  serve  in  a  useful  capacity  for  identification  and  even 
purification  of  hydrocarbons.96 

There  is  one  variety  of  molecular  addition  compounds  about  which 
little  is  understood  concerning  their  binding  forces,  but  which  can  be 
grouped  together.  The  feature  which  they  have  in  common  is  that 
there  is  little  chemical  affinity  between  the  components  in  the  usual 
sense.  Examples  of  this  class  of  molecular  addition  compounds  are 
the  choleic  acids,  and  the  urea  and  quinol  complexes  in  which  desoxy- 
cholic  acid,  urea,  or  resorcinol  form  crystalline,  stable  compounds 
with  various  types  of  substances. 


CH3 

EH — CH2 — CH2 — COOH 


HO' 


Desoxycholic  acid 


The  basic  leasons  are  vague,  but  apparently  certain  molecules 
anange  themselves  in  a  regular,  open-lattice  pattern,  and  when  suitable 
foieign  molecules  are  enclosed  or  trapped  in  the  open  cavities,  there 
is  a  diminuition  of  potential  energy  of  the  system,  resulting  in  a  stable 
crystalline  solid.  The  arrangement  of  the  enclosing  molecules  is 
usually  that  of  an  extended  three-dimensional  framework  of  interloek- 


Publishing,  Brooklyn,  1950,  p.  13. 
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have  melt  ing  points  close  to  the  melting  point  of  urea,  have  dissociation 
temperatures  that  vary  directly  with  the  vapor  pressure  of  the  enclosed 
molecules,  and  are  decomposed  by  heat,  by  dissolving  the  urea  in 
water,  or  by  dissolving  the  enclosed  molecules  in  an  organic  solvent. 
1  he  urea  complexes  and  the  choleic  acids  bind  organic  molecules,  and 
the  stability  of  these  addition  compounds  increases  with  increasing 
chain  length  of  the  hydrocarbon  portion  of' the  addends.  The  urea 
complexes  in  general  have  close  to  a  3 : 1  weight  ratio  for  urea  to  addend 
but  vary  from  1 : 1  to  18 : 1  in  mole  ratios,  depending  upon  chain  length. 
The  heats  of  formation  of  the  urea  adducts  are  1-2  kcal/mole  of 
urea,  or  1.6  kcal  per  CH2  unit  of  the  addend.  This  is  only  slightly 
higher  than  the  heat  of  vaporization  of  n-alkanes  and  is  close  to  the 
heat  of  adsorption  of  hydrocarbons  on  silica  gel. 

The  urea  and  thiourea  complexes  have  shown  the  greatest  applica¬ 
bility  and  therefore  are  of  the  most  interest.  For  example,  urea  forms 
complexes  with  aliphatic  alcohols,  acids,  ketones,  and  aldehydes,  but 
essentially  only  with  the  straight-chain  isomers,  whereas  thiourea 
forms  complexes  with  the  same  classes  of  compounds  except  only  with 
the  branched  chain  isomers.  Hence  fuels  have  been  improved  by 
removing  straight-chain  hydrocarbons  with  urea.  Furthermore,  com¬ 
plexes  are  formed  preferentially  with  either  the  cis  or  trans  isomers  of 
diols  and  unsaturated  fatty  acid  derivatives.  On  this  basis,  drying 
oils  have  been  improved  by  removing  the  undesirable  isomers  through 
complex  formation.  Naturally  this  offers  also  a  convenient  method 
for  resolving  a  mixture  of  geometric  isomers.  1  he  urea  complexes 
have  opened  up  a  new  technique  for  effecting  separations  and  should 
prove  of  tremendous  value  in  the  near  future. 


Supplementary  Reading 

1.  H.  M.  Powell,  "The  Structure  of  Molecular  Compounds,”  J.  Chem.  Soc.,  61 
(1948). 

2.  W.  J.  Zimmershied,  R.  A.  Dinerstein,  A.  W.  Weitkamp,  and  R.  F.  Marschner, 
Ind.  Eng.  Chem.,  42,  1300  (1950). 

3.  O.  Redlich,  C.  M.  Gable,  A.  K.  Dunlop,  and  R.  W.  Millar,  J.  Am.  Chem.  Soc., 
72,  4153,  4161  (1950). 

4.  G.  W.  Wheland,  Advanced  Organic  Chemistry,  2d  ed.,  Wiley,  New  \ork,  194., 

G9 

5.  L.  F.  Fieser,  The  Chemistry  of  Natural  Products  Related  to  Phenanthrene)  2d  ed., 
Reinhold,  New  York,  1937,  pp.  129,  368. 


2.8b.  The  hydrogen  bond: 

(i)  Nature  and  Magnitude  of  Hydrogen  Bond  Forces.  It  has  become 
well  recognized  now  that  when  a  hydrogen  atom  is  attached  to  a  high  y 
electronegative  atom,  it  has  an  affinity  for  a  second  electronegative 
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atom,  and  this  attraction  has  a  marked  effect  upon  the  physical  prop¬ 
erties  of  the  molecules  involved.  For  instance,  it  is  observed  that 
most  compounds  containing  OH  groups  tend  to  have  unexpectedly 
high  boiling  points  and  large  water  solubilities.  In  this  case,  the 
hydrogen  atom  is  attached  to  the  highly  electronegative  oxygen  atom 
and  has  an  affinity  for  the  oxygen  atom  of  a  second  OH  group.  This 
attraction  weakly  binds  different  molecules  together,  and  an  unusual 
amount  of  energy  is  required  to  separate  the  liquid  molecules  for 
vaporization,  or  causes  water  to  bind  foreign  molecules,  thereby 
increasing  their  solubility  in  water. 

Moore  and  Winmill97  first  proposed  the  hydrogen  bond  to  explain 
the  weakness  of  ammonia  and  amines  in  contrast  to  the  strong  quarter¬ 
nary  ammonium  bases.  Pfeiffer98  introduced  the  hydrogen  bond  into 
organic  chemistry,  and  it  was  generalized  by  Latimer  and  Rodebush 
in  1920.99 


At  one  time  it  was  thought  that  the  hydrogen  atom  of  a  hydrogen 
bond  had  a  covalency  of  two,  but  the  present-day  viewpoint  is  that 
the  hydrogen  atom  cannot  accommodate  more  than  two  electrons  in 
its  low-energy  valence  orbital.  This  earlier  concept  of  the  hydrogen 
bond  has  therefore  been  abandoned.100  It  was  suggested  later  that 
the  hydrogen  bond  is  a  resonance  hybrid  of  the  two  extreme  struc¬ 
tures  A:  H  B+  and +A— H  :B~,  where  A  and  B  are  two  highly  electro¬ 
negative  atoms.  It  is  believed  now  that  these  structures  make  only 
a  small  contribution  to  the  state  of  the  hydrogen  bond  in  the  majority 
ot  cases.  One  experimental  measurement  which  strongly  influenced 
such  a  conviction  was  the  determination  of  interatomic  distances,  for 
t  was  found  that  the  distances  between  the  two  bridged  atoms  of  all 
hydrogen  bonds  are  greater  than  the  sum  of  the  covaLt  radii  of  the 
tv o  atoms  and  the  covalent  diameter  of  the  hydrogen  atom.  That  is 
the  distance  is  far  too  great  for  two  covalent  bonds  to  hydrogen  even 
if  they  were  to  exist  alternately.  Furthermore,  spectroscopic1" Tnd 
dipole  moment  measurements108  have  shown  that  the  two  carbon- 

geSZconSnegathe  1635  A  similar  sug- 

and9sEpPpfXe^du  ((W  chim-  36,  II,  iy(1906)OmPOUndS  WaS  made  ^  G-  Oddo 
99  w  ^frei?er’-  AnU •  398,  137  0913). 

C.  P.'Smyt'hCTEanW.'E„gelI^ndbESB  ffa”'  T™'  ^ "  42>  1419  «920). 

(1929))  suggests  that  the  asSiafen  of  walr  A '  '  i P  Chm '  Soc -  51  •  1736 
be  accounted  for  as  resulting  from  an  actual  sharin' nd,similar  substances  is  not  to 
as  suggested  by  Sidgwick  (The  Electronic  Thp  g  f)  e|cctrons  between  molecules 
Oxford,  England,  1927,  p.  134)  °  1  he°ry  °*  Valency,  Clarendon  Press, 

IthaeaLi940U,hpg289O!“re  °!  CTemfca'  Bond’  2d  «i.,  Cornell  University  Press, 

-  L  £ aRdDavSotadndLf iffeo l^Ck 

ton>  Chem.  Phys.,  6,  905  (1938). 
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oxygen  bond  distances  in  the  dimeric  carboxylic  acids  are  not  the  same, 


\ 


0--H-0 
R—  C  C — R 

X0-H--</ 


and  electron  diffraction  studies104  have  verified  that  the  two  hydrogen 
atoms  in  the  dimer  are  not  located  in  the  center  positions  of  the 
0 — H  •  •  •  O  bonds.105  Such  evidence  discredits  the  resonance 
viewpoint  of  the  hydrogen  bond,  for  then  the  hydrogen  atom  would  be 
expected  to  be  midway  between  the  two  bonded  atoms.  The  oxygen- 
oxygen  distance  in  an  O — H  •  •  •  0  bond  would  be  2  A  for  a  dicovalent 
bridge  and  approximately  3  A  for  the  sum  of  the  covalent  bond  and 
van  der  Waals  distances.106  Neither  of  these  extremes  is  found,  but 
rather  some  intermediate  distance  which  seems  to  vary  with  the 
geometry  and  strength  of  the  hydrogen  bond.  The  exceptional  case, 
F — H  •  •  •  F“,  is  discussed  later. 

An  alternative  view  of  the  hydrogen  bond  has  been  that  it  arises 
from  electrostatic  attraction  of  two  dipoles.  This  seems  leasonable 
because  of  the  following  considerations.  First,  it  is  a  bridge  found 
only  between  two  highly  electronegative  (electron-attracting)  atoms. 
Qualitatively,  it  can  be  said  that  the  bond  strength  varies  directly  as 
the  electronegativity  of  the  two  bridged  atoms,  although  a  quantitative 
relationship  is  lacking,  owing  to  the  effects  of  other  factors.  In  Sec.  3.3 
there  is  discussed  the  dipole  arising  in  a  covalent  bond  due  to  differences 
in  electronegativity  of  the  two  atoms  forming  the  covalent  bond. 
This  dipole  has  its  negative  end  directed  toward  the  most  electronega¬ 
tive  atom,  so  that  in  water  it  is  toward  the  oxygen  atom.  The  negative 
end  of  the  bond  dipole  in  another  water  molecule  can  then  attract 
the  somewhat  positive  hydrogen  atom,  which  is  approaching  the  nature 
of  a  bare  proton.107  This  can  be  diagrammed  structurally  as 


104  J.  Karle  and  L.  O.  Brockway,  J.  Am.  Chem 

105  Theoretical  calculations  by  several  persons  have 

atom  is  not  symmetrically  located  in  hydrogen  bonds  [M.  M.  Davies,  Ann.  Kept 

Chem.  Soc.,  43,  5  (1946)].  «  70  2326  (1950).  The 

106  G.  Bi  Carpenter  and  J.  Donahue,  J .  Am.  Chem.  •>  >  nickel 

shortest  O-H  •  •  O  distance  found  in  the  literature,  2.42A,  was  that 

dimethylglyoxime  [R,  E.  Bundle set  ^TAater  has  29 

per  "lent!  ionic  characterfuius  ‘ 

P0S“paree  this  structure  with  that  proposed  by  N.  D.^oggeshidh  d^  C'licm^ 

Pky,.  18,  978  (1950).  This  is  a  [J.  D. 

water;  however,  the  spatial  configuratio  (1933)-  G.  S.  Forbes,  J.  Chem. 

Bernal  and  R.  H.  Fowler,  J.  Chem.  Phys.,  1,  520  {1V36),  u. 

Education  18,  18  (1941)]. 
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where  one  bond  of  the  hydrogen  bridge  has  a  large  ionic  character 
and  the  other  has  a  greater  resemblance  to  a  covalent  bond.  The 
over-all  binding,  nevertheless,  is  due  to  dipole-dipole  attraction.  In 
this  connection,  Harms109  has  calculated  the  dipole  attraction  of  two 
OH  groups  for  one  another  to  be  at  least  5  kcal,  and  several  other 
persons  have  made  theoretical  calculations  which  indicate  that  the 
hydrogen  bond  is  largely  electrostatic.110 

The  F— H  •  F_  bond  of,  say  KHF2,  differs  from  other  hydro¬ 
gen  bonds  in  that  if  resonance  does  occur,  the  two  resonating  structures 
are  equivalent. 

F— H  •  •  •  F“,  F~  •  •  •  H— F 

This  can  account  for  the  facts  that  the  proton  is  centrally  located 
m  this  bond  and  that  the  bond  has  unusual  strength.  In  contrast 
the  bond  energy  of  the  F-H  •  •  •  F  bond  of  polymerie  HF,  where  the 
two  resonant  forms  would  have  different  potential  energies, 

F— H  •  •  •  F,  F~  •  •  •  H— F+ 


is  of  the  usual  order  of  magnitude,  and  the  proton  is  unsymmetricallv 
located  between  the  two  fluorine  atoms.  ymmetncaily 

If  one  tentatively  accepts  the  viewpoint  that  the  hydrogen  bond 
s  due  to  dipole-dipole  attraction,  its  strength  should  depend  at  Ie*«t 

upon  the  following  two  factors-111  pi  ,  c 

s  iactors.  (l)  the  ionic  character  of  the  H— B 

no  v’  n  arms’  Z'  phVsik-  Chem.,  B43,  257  (1939). 

JChem.Physr,a!,5S3l(lMoyu  V®  (,938)!  M-  M-  Davies. 

E.  A.  Moelwyn- Hughes,  J  i938?  V “•  333  (1040>  - 

J.  Am.  Chem.  Soc.,  58,  1135  (1936)-and  C  n  ■  ’  and  A.  Sherman, 

(1941).  30  Uydbl’  and  G-  Bnegleb,  Z.  physik.  Chem.,  B51,  9 

New  York,  1949,  cironic  interpretations  of  Organic  Chemistry ,  2d  ed.,  Wiley, 
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bond  in  structure  XXVI,  and  (2)  the  electron  charge  density  on  atom 
C. 

A+  :C"  •  •  •  H+  :B- 
XXVI 


The  greater  the  ionic  character  in  the  H — B  bond,  the  greater  is  the 
positive  charge  on  the  hydrogen  atom,  and  hence  the  greater  becomes 
the  electrostatic  attraction  by  atom  C.  The  idea  to  be  expressed  in 
XXVI  is  not  that  atom  B  must  be  negatively  charged,  although  it 
may  be,  but  rather  that  the  atom  B  attracts  more  strongly  the  shared 
pair  of  electrons  between  H  and  B  and  thereby  develops  a  partial 
positive  charge  on  the  hydrogen  atom.  For  instance,  the  bond  dipole 
0f  q — h  bonds  in  ordinary  compounds  is  too  small  to  bring  about 
hydrogen  bond  formation;  however,  when  three  strongly  electron- 
attracting  atoms  are  attached  to  one  carbon  atom  as  in  CHGI3,  the 
electronegativity  of  the  carbon  atom  is  markedly  increased.  As  a 
result,  there  is  created  a  considerable  bond  dipole  in  the  C  H  bond 
of  chloroform,  and  it  is  observed  to  form  weak  hydrogen  bonds.112 
Too,  for  a  given  net  charge,  the  smaller  the  size  of  atom  C  in  XXVI,  the 
larger  is  its  charge  density.  Therefore  on  the  basis  of  atomic  radii 
(Sec.  4.3)  and  relative  electronegativities  (Sec.  3.1),  factors  (1)  and 
(2)  lead  to  the  order  of  increasing  hydrogen  bond  strength  in  the  bond 
x  .  .  .  h— X,  of  X  =  I  <  Br  <  Cl  <  O  <  F,  with  N  just  to  the 
left  or  right  of  chlorine.  This  order  is  found,  by  spectroscopic  and 
dipole  moment  measurements,  to  be  the  case  for  or^o-substituted 
phenols  in  which  an  intramolecular  five-membered  ring  is  formed. 


It  is  difficult  to  make  a  direct  comparison  of  relative  hydrogen 
bond  strengths  because  they  are  so  markedly  affected  by  atom 
structure  and  environmental  conditions.  This  rs  notrceable  fro  h 
values  listed  in  Table  2.8.  For  instance,  the  0  H 

m  M.  Tamres  recently  reported  that  chlomform -JjW-J 

aromatic  compounds  in  a  ^  ^  Jones  and  It.  M.  Badger 

W.  Gordy  \J .  Chem.  Phye  7, ,163 0*^ >!found  spectroscopic  evidence  of  weak 
[J.  Am.  Chem.  Soc.,  73,  8132  (  .  )\  ,  ethane  with  donor  solvents, 

hydrogen  bonding  for  polyhalogenated_  hydrogen  bonds  from  solute- 

For  collected  references  on >££££*,  33*35  „f  L.  Hunter,  Ann. 
solvent  interactions  and  heats  ot  mixing ,  s 
Repts.  Chem.  Soc.  London,  43,  144  (1946). 
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Table  2.8 

Energies  of  Some  Hydrogen  Bonds 113 


Bond 


Substance  and  state 


Energy 

(kcal/mole) 


F— H  •  •  •  F“ 
F— H  •  •  •  F 
F— D  •  •  •  F 
0— H  •••  0 


0— D  •  •  •  0 


0— H  ...  Cl 

N— H  •  ■  •  F 
N— H  ...  0 
N— H  •  •  •  N 
C— H  •  •  •  N 

C— H  ...  0 


KHF2,  solid 
(HF)6,  vapor 
(DF)6,  vapor 
H20,  ice 

(CH3COOH)2,  vapor 
(CH3COOH)2,  sol  in  C6H6 
(C6H6COOH)2,  sol  in  C6H6 
(C6H6COOH)2,  sol  in  CIIC1-, 

(° — HO — CeH4COOH)2,  sol  in  C6H6 

(o— HO— C6H4COOH)2,  sol  in  CHC13 

0 — HO — C6H4COOH,  intramolecular 

(CH3OH)4,  vapor 

(C6H50H)2,  sol  in  C6H6 

(HC00D)2,  vapor 

(CH3COOD)2,  vapor 

(C2H5COOD)2,  vapor 

(C2H6COOD)3,  vapor 

0  Cl  C6H4OH,  gas,  intramolecular 

o  Cl  C6H4OH,  sol  in  CC14,  intramolecular 

NH4F,  crystal 

C6H6NH2  CO(C6H6)2,  in  CC14  sol 
NH3,  crystal 
(HCN)2,  vapor 
(HCN)3,  vapor 
(CH3CHO)2,  vapor 


27 

6.8 

6.85 

6.4 
7.65 

4.85 

4.4 

4.2 
2.8 

3.85 

4.7 
6.05 

2.4 

6.4 
7.95 
7.05 
6.9 

2.8 
1.7 
5.0 
2.0 

1.3 
3.28 
4.36 
2.61 


energy  is  different  in  ice  and  methanol,  and  the  values  differ  for  salicylic 
acid  in  benzene  and  chloroform  solutions.  salicylic 

Apparently  a  bond  such  as  the  hydrogen  bond  is  unique  for  hydro 
Nature  of  the  Chemical  IboJH' '  Corned Unfv"'’  43,  5  (1946);  L’  Pauling, 

T3,ll 5S Tl9Tl,f 

So“dl985lf6  (1940)-'  W'  *•>*-: 

Ij0"8’  J'  H-  HildebraD(l>  and  W.  E.  Morrell,  /.  Am.  Chem.  Soc.,  65, 
stadter,  J.  Chem.  Ph’ys.,  6^531,  <1940)i  R-  C-  Herman  and  R.  Hof- 
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two  atoms  are  bridged  by  one  hydrogen  atom  might  suggest  directed 
covalency  here,  but  it  is  due  to  the  fact  that  van  der  Waals  repulsion 
between  the  three  larger  atoms  would  outweigh  by  far  the  electrostatic 
attraction  of  the  hydrogen  atom  for  the  two  nonbonded  atoms.  For 
instance,  if  the  O — H  •  •  •  O  bridge  is  linear,  a  third  oxygen  atom 


O-H  distance  =0.97  A  (Sec.  4.3) 
oxygen  van  der  Waals  radius  =  1.4  A  (Sec. 


5.1) 


cannot  get  within  bonding  distance  of  the  hydrogen  atom,  and  even 
if  the  O— H  •  •  •  O  bridge  forms  an  angle  of  135°,  the  oxygen-oxygen 


repulsion  restricts  the  hydrogen  bond  to  just  two  oxygen  atoms  In 
this  connection,  it  is  of  interest  to  note  that  Evans  and  Clock ler 
found  from  classical  electrostatic  theory  that  the  Z-shaped  plana 
structure  for  the  hypothetical  (HF),  dimer  molecule  is  the  most  stable 

of  planar  configurations. 

ns  G.  E.  Evans  and  G.  Glockler,  J.  Chern.  Phys.,  16,  324  (1948). 
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(ii)  Experimental  Methods.  Experimental  evidence  for  the  occur¬ 
rence  of  hydrogen  bonds  is  provided  by  spectroscopic  and  electric 
dipole  measurements  and  through  studies  of  molecular  association.117 


Ihe  most  powerful  tool  is  found  in  infrared  spectrophotometry  but 
will  be  discussed  in  the  chapter  on  spectroscopy.  Association  is 
commonly  detected  in  solution  by  cryoscopic,118-119-120  solubility,119-121 
and  heat  of  mixing  measurements,122-123  and  in  the  vapor  state  by 
vapor  pressure,115-124  vapor  density,125  or  heat  capacity  measure¬ 
ments.  6  The  qualitative  studies  usually  consist  of  comparison  of 
the  properties  displayed  by  substances  capable  of  forming  hydrogen 
bonds  with  those  of  closely  related  compounds,  or  even  isomers,  in 
which  a  hydrogen  bond  is  unlikely  or  impossible.  For  instance,  even 
in  elementary  courses,  teachers  long  have  drawn  attention  to  the 
unusually  high  boiling  points  of  alcohols  compared  with  their  isomeric 
ethers.  Thus  ethyl  alcohol,  which  is  capable  of  associating  in  the 
liquid  state,  has  a  higher  boiling  point  (78°C)  than  its  structural 
isomer  dimethyl  ether  (-25°C),  which  is  very  unlikely  to  form  hydro¬ 
gen  bonds.  More  energy  is  required  to  volatilize  an  associated  liquid 
of  course,  in  order  to  break  the  hydrogen  bonds  and  permit  the  liquid 


AH/T, wherf  ?  the  Value  °f  Trollt°n’s  constant 

ojgp 


ns  T?  MUrter  a.nd  NV Reynolds,  J.  Chem.  Soc.,  2857  (1950) 

120  ?'  fi'  L.assettre>  Chem.  Revs.,  20,  259  (1937). 

121  m  Hu^er  et  al;>  J ■  Chem.  Soc.,  806  (1945). 

(1941 ) ;  62,  227? (1940)';  ancfelrifer  papers."™1^1,8’  J‘  Am'  CW  Soc-’  63’  1609 
123  ?•  E,lbe’/-  Chem ■  Phvs M  2,  73  (1934). 

Copley/ a  J  \ 1  °cZ  1"’  6^2115  <1941>;  * 

earlier  papers.  ’  J '  A  ’  Chem •  Soc->  62,  3263  (1940);  and 

m  e'w  2"’  J '  4?*  Chem-  Soc->  73,  315  (1951). 

E.  VV.  Johnson  and  L  K  Nash  T  ni  a 

126  W.  Weltner,  Jr.  and  K  S  Pit^’r  V  T'  C^T'  5°r’’  72'  547  (195°)- 

-  ana  H.  b.  Pitzer,  J.  Am.  Chem.  Soc.,  73,  2606  (1951). 
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molecules  to  pass  to  the  vapor  state.  Similarly,  propyleneimine  boils 
at  a  higher  temperature  than  its  structural  isomer,  A-methylethyl- 
eneimine,  because  the  former  compound  is  associated  as  a  result  of 
N — H  •  •  •  N  hydrogen  bonds. 


H2C - CH— CH3 

\  / 

N 

I 

H 


Propyleneimine 
bp  67°C 


h2c - ch2 

\  / 

N 

I 

ch3 


A-Methylethyleneimine 
bp  27.5°C 


Quantitative  studies  of  association  give  a  better  insight  into  what  is 
happening,  and  therefore  are  of  more  value.  In  the  reaction  for 
association, 

nA#A„  (1) 


n  is  the  number  of  monomeric  molecules  of  A  that  combine  through 
hydrogen  bonds  to  give  a  polymer  of  degree  of  association  n,  and  the 
ratio  of  the  molecular  weight  of  the  polymer  to  that  of  the  monomer 
is  simply  A„/A.  Then  from  ebullioscopic  or  cryoscopic  measure¬ 
ments — determination  of  the  mean  molecular  weight  of  solute  in  a 
suitable  solvent  from  the  boiling  point  elevation  or  freezing  point 
lowering — the  ratio  of  the  observed  molecular  weight  M0  to  that  of 
the  monomer  M  will  be  the  association  factoi  13. 


(3  =  Mo/M 

The  greater  the  concentration  of  solute,  the  closer  is  the  approach 
of  the  solute  molecules,  and  consequently  the  greater  is  the  degree  of 
association.  Thus  for  molecules  that  associate  to  form  primarily 
dimers,  such  as  the  carboxylic  acids,  0  will  approach  2  as  a  limit  with 
increasing  concentration  of  solute.  However,  most  classes  of  com¬ 
pounds  tend  to  form  linear  polymers,  as  water  does,  and  the  degree  o 
association  then  exceeds  two.  Two  excellent  examples  are  alcohols 
and  phenols,  which  have  been  studied  quite  extensively  by  spectro¬ 
scopic  methods,  and  are  discussed  in  Sec.  9.2c. . 

Quantitative  measurements  of.  association  in  the  vapor  state  are 

made  by  determining  deviations  from  perfect-gas  e  avl°r'  _ 
pressures  a  vapor  will  obey  fairly  closely  the  ideal  gas  law  PV  -  nRT 
where  nls  the  number  of  moles  of  gas  present.  This  can  be  rearranged 
to  give  P/T  =  nR/V,  and  it  becomes  evident  that  at  constan  vou  , 
the  ratio7  of  P  to  T  at  various  temperatures  will  be  constant  for  a 
•  n  qAmnle  of  eas  Now  if  association  occurs,  n  moles  of  gas  will 
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factor;  the  new  gaseous  state  can  be  represented  by  the  equation, 
P1V1  =  n'RTi.  If  the  volume  is  held  fixed,  i.e.,  V  =  V i,  then  from 
the  combination  of  these  four  equations  we  get  the  association  factor  /3, 


P/T 
Pi/T i 


Hence,  if  the  P/T  ratio  is  measured  at  an  elevated  temperature  T, 
where  the  substance  is  essentially  monomeric,  the  ratio  of  the  P/T 
value  at  temperature  T  to  that  at  a  lower  temperature  T\  will  give 
the  association  factor  at  temperature  T\.  If  complete  dissociation 
does  not  occur  at  a  reasonable  temperature,  an  alternative,  and  prob¬ 
ably  more  reliable,  procedure  is  to  make  a  calculation  from  the  equation 
PV  =  nRT  for  the  pressure  P  that  would  prevail  if  a  given  quantity 
of  material  were  completely  monomeric  at  a  chosen  temperature. 
Then  the  actual  pressure  Pi  is  measured  for  the  same  conditions,  and 
the  ratio  P/P  i  will  give  the  association  factor. 

A  second  technique  for  determination  of  association  in  the  vapor 
state  is  to  make  vapor  density  measurements.  From  the  gas  law,  the 
molecular  weight  of  a  gaseous  sample  is  given  by  the  equation  M  = 
dRT/P,  where  d  is  the  vapor  density.  If  association  occurs,  the  mean 
molecular  weight  of  a  sample  can  be  expressed  as  M0  =  d0RT/P,  and 
the  ratio  of  M0/M  =  d0/d  =  (3  will  give  the  association  factor.  There¬ 
fore  the  density  (d0),  temperature,  and  pressure  of  a  sample  are  meas¬ 
ured  at  a  chosen  set  of  conditions  and  compared  with  the  density 

calculated  from  the  molecular  weight  of  the  monomer  at  the  same 
conditions. 


If  association  were  to  produce  only  one  type  of  polymer,  i.e.,  dimer 
tnmer,  tetramer,  etc.,  there  would  be  a  single  equilibrium  constant 
between  the  monomer  and  the  polymer,  and  it  should  be  independent 
o  pressure.  If  P,  and  P„  are  the  partial  pressures  of  the  monomer 
and  polymer,  respectively,  the  equilibrium  constant  is  K  =  P  /p.. 

PreSSUre  1P  ~Pl  +  P '*>  and  the  relation  factor 

l‘ated p' +  P \Treu  7U'd  6XiSt  “  the  P°‘ymer  were  dis- 
l  i  +  Pn)  to  the  observed  pressure  P.  That  is 


0  = 


It  can  be  seen  that  0  ranges  between  the  limits  of  1  u  .u 

expressed  in  terms  of  molecular  weio-ht*  B  f  1  d  n  whether 

For  complete  association  B  =  n  Sj  f  ’  Slties’  or  Partial  pressures. 

From  the  expressions  for’ P,  if  Ind  E^^Th  ^  0  “  L 

can  be  expressed  in  terms  of  P,  n,  and  0.  ’  ^  eqUlllbrlum  constant 
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R  =  _ 0  ~  1 _ 

0(n  -  1)  —  nPn~l{0  —  1  )"(n  —  l)1-" 

Thus  by  determining  the  association  factor  at  various  pressures  from 
vapor  density  or  pressure-temperature  measurements,  and  by  selecting 
a  value  for  the  degree  of  association  n,  the  equilibrium  constant  can  be 
calculated  at  the  chosen  pressures.  Its  constancy  with  pressure 
verifies  that  only  one  polymeric  species  is  formed  and  that  the  correct 
value  of  n  was  selected.  For  example,  Long,  Hildebrand,  and  Mor¬ 
rell114  found  a  constant  K  over  a  limited  pressure  range  for  the  reac¬ 
tion  6HF  =  (HF)6,  but  at  low  pressures,  polymers  lower  than  the 
hexamer  predominate.  Of  course,  when  there  is  true  equilibrium, 
the  heat  of  the  reaction  can  be  obtained  graphically  by  plotting  log 
K  against  1/T  according  to  the  van’t  Hoff  equation,  d(log  k)/[d{l/T)] 
=  — Atf/2.303ft. 

A  third  method  of  studying  association  in  the  vapor  state,  excluding 
the  spectroscopic  methods  that  are  discussed  in  Chapter  9,  was  reported 
recently  by  Weltner  and  Pitzer.126  The  heat  capacity  of  a  gas  can 
be  expressed  in  terms  of  the  heat  capacity  of  an  ideal  gas,  the  pressure, 
and  the  degree  of  association.  So,  by  measuring  the  heat  capacity 
of  methyl  alcohol  vapor  at  different  pressures,  Weltner  and  Pitzer 
found  their  data  could  best  be  accounted  for  by  assuming  the  formation 
of  a  tetramer.127 

H3C  CHs 

\  / 

0— H  •  •  •  0 

I 

H 


H 

0  •  •  •  H— 0 


However,  this  procedure  does  not  distinguish  between  formation  of 
tetramers  and  formation  of  an  appropriate  mixture  of  tnmer,  tetramer, 
pentamer,  etc.  It  is  noteworthy  that  this  is  the  first  strong  evidence 
for  occurrence  of  association  of  alcohols  in  the  vapor  state.  Pre¬ 
sumably  it  requires  one  hydrogen  bond  per  monomer  unit  to  give  a 


»  It  is,  interesting  in  of 
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stable  polymer  in  the  vapor  state.  The  geometry  is  unfavorable  for 
formation  of  a  dimeric  alcohol  molecule  with  two  hydrogen  bonds,  and 
although  a  trimer  with  three  hydrogen  bonds  is  possible,  it  appears 
that  the  tetramer  has  just  the  steric  requirements  to  give  a  stable 
polymer.  Weltner  and  Pitzer126  found  the  heat  of  association  of 
methanol  to  a  ring  tetramer  to  be  24.2  kcal,  or  6.05  kcal  per  bond. 
This  value  is  not  very  different  from  that  for  methyl  alcohol  in  solution 
(5.8  kcal)  found  from  heats  of  mixing122  nor  far  from  the  value  (6.2 
kcal)  estimated  from  the  heat  of  sublimation  of  methyl  alcohol.128 
The  F — H  •  •  •  F  bond  is  therefore  a  little  stronger,  for  Long,  Hilde¬ 
brand,  and  Morrell115  got  a  value  of  6.8  kcal  per  bond  in  the  gaseous 
hexamer  (HF)6. 


The  association  of  carboxylic  acids  has  been  the  object  of  con¬ 
siderable  interest  and  has  been  studied  by  a  variety  of  methods.  For 
example,  the  association  has  been  studied  in  solution  by  isopiestic 
measurements,129  dielectric  constant  measurements,130  infrared  spectro¬ 
scopic  measurements,131  and  measurements  of  distribution  of  solutes 
between  water  and  an  immiscible  organic  solvent.119  In  the  vapor 
phase,  vapor  density,  vapor  pressure,  spectroscopic,132  and  sound 
velocity  measurements133  have  been  made  to  study  associations. 
There  aie  still  some  uncertainties  about  the  state  of  carboxylic  acids 
in  the  vapoi  state,  and  also  about  the  strength  of  the  hydrogen  bonds 
in  the  acid  dimers.  1  hat  is,  some  data  indicate  that  the  vapor  states 
of  carboxylic  acids  contain  monomers,  dimers,  trimers,125  and  even 
tetramers,134  while  other  data  show  that  polymers  higher  than  the 
dimer  do  not  exist  in  any  measurable  amount  at  low  pressures.124 
Moreover,  the  values  of  the  heat  of  dimerization  of  a  given  acid,  as 
reported  by  different  investigators,  are  not  in  close  agreement.  The 
disagreement  may  be  attributable  to  the  different  pressure  ranges  in 
which  the  various  studies  were  made  and  to  the  experimental  diffi¬ 
culties  in  making  highly  accurate  measurements.  The  values  for  the 

heats  of  association  of  some  carboxylic  acids  in  the  vapor  phase  are 
summarized  in  Table  2.9.  1  P  e 


Ithac^l9P40"'r304rAe  °S  CUn*a*  B<md -  University  Press, 

67’  898  (1945):  F- T- Wa" 

107!  (1949);  '} 

415  (1941).  xiodds,  and  r.  M.  Gross,  J.  Chem.  Phys.,  9,  408, 

mb'  n“‘e“e'  So c.,  58,  1143  (1936). 

C.'  0.  Strother  and  W ^^chards^T/^Pl5’  005  0937)' 

“  H'  L  RittCT  Hi  Simons, ajdSii  $£  £££  757  (Sf 
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Table  2.9 

Heat  of  Association  of  Some  Carboxylic  Acids 

0— H  •  •  •  o 

2IICOOH  =  R — Q  C — R 

V  / 

O  •  •  •  H— O 


Acid 

AH  (kcal/mole) 

Method 

See  footnote 

Formic . 

14.3 

Vapor  density 

135 

14.1 

Vapor  density 

136 

14.1 

Vapor  pressure 

137 

14.5 

Vapor  pressure 

138 

Acetic . 

12.4 

Spectroscopic 

139 

13.8 

Vapor  density 

140 

16.4 

Vapor  density 

141 

14.5 

Vapor  density 

142 

15.0 

Vapor  density 

143 

13.8 

Vapor  density 

125 

13.8 

Vapor  pressure 

138 

15.3 

Vapor  pressure 

124 

Propionic . 

18.0 

Vapor  pressure 

144 

Trimethylacetic . 

14.0 

Vapor  density 

125 

Heptoic . 

7.1 

Vapor  density 

140 

From  the  dipole  moment  studies,130  dimer-monomer  equilibrium 
constants  were  determined  in  solution,  and  some  of  the  values  are 
listed  in  Table  2.10.  The  equilibrium  constant  is  set  up  so  that 
the  smaller  the  K,  the  greater  is  the  hydrogen  bond  strength  of  the 
dimer.  The  relative  order  of  decreasing  constants  for  the  acids  listed 
in  Table  2.10  is  probably  a  true  measure  of  the  increasing  hydrogen 
bond  strengths,  inasmuch  as  all  the  substances  were  studied  by  the 
same  authors,  and  therefore  should  be  self-consistent.  Thus,  of  the 


136  H.  C.  Ramsperger  and  W.  C.  Porter,  J.  Am.  Chem.  Soc.,  48,  126/  (1926). 

136  A.  S.  Coolidge,  J.  Am.  Chem.  Soc.,  50,  2166  (1928). 

137  M.  D.  Taylor,  Private  communication. 

138  O  R.  Foz  and  J.  Marcillo,  Chem.  Abstracts,  44,  8716  (1950). 

139  R.  C.  Herman,  J.  Chem.  Phys.,  8,  252  (1940);  G.  B.  B.  M.  Sutherland, 

Trans.  Faraday  Soc.,  36,  889  (1940).  nQ«m 

140  T  M.  Fenton  and  W.  E.  Garner,  J.  Chem.  Soc.,  6.4  (  •  )• 

444  F.  H.  MacDougall,  J.  Am.  Chem.  Soc.,  58,  2585  (1930);  compare  with  he 
spectroscopic  results  of  R.  M.  Badger  and  S.  H.  Bauer,  J.  Chem.  Phys.,  5,  605 

Errera  et  al„  Nature.  138,  882  (1936);  Trans.  Faraday ’  So, 34.J28 
(1938);  J.  Chem.  Phys.,  8.  63  (1940);  also  J.  J.  Fox  and  A.  E.  Martin.  Trans 

Faraday  Soc.,  36,  897  (1940).  . 

443  W.  Nernst,  Z.  Elektrochem.,  22,  37  (1916). 

444  F.  H.  MacDougall,  J.  Am.  Chem.  Soc.,  63,  3420  (1941). 
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Table  2.10 

Dimer-Monomer  Equilibrium  Constants  in  Solution  for  Some  Carboxylic 

Acids130 


Acid 

K  X  104 

K  =  (monomer)  2/(dimer) 

Ionization 
constant  X  106 

Chloroacetic . 

8.8 

140 

Formic . 

7.1 

17.7 

Acetic . 

2.4 

1.75 

Propionic . 

2.3 

1.34 

Butyric . 

2.1 

1  51 

Trimethylacetic . 

1.3 

0.1 

acids  listed,  the  hydrogen  bond  is  strongest  in  dimeric  trimethylacetic 
acid,  which  is  in  harmony  with  the  results  of  some  vapor  density126 
and  spectroscopic  investigations.131  It  is  noteworthy  that  the  order 
of  decreasing  association  and  ionization  is  opposite  to  that  of  increasing 
electronegativity  of  the  groups  attached  to  the  carboxyl  group.  Thus 
the  greater  the  withdrawal  of  electronic  charge  from  the  carbonyl 
oxygen  atom  through  resonance  and  inductive  effects,  the  weaker  is 
the  hydrogen  bond  in  the  acid  dimer.145  This  electron  withdrawal 
has  just  the  opposite  effect  on  acid  dissociation;  that  is,  it  facilitates 
ionization  of  the  hydroxyl-hydrogen  atom. 


(iii)  Inter~  and  Intramolecular  Hydrogen  Bonding .  To  distinguish 
between  inter-  and  intramolecular  hydrogen  bond  formation,  the  former 
is  commonly  referred  to  as  association  and  the  latter  as  chelation, 
.e  two  affect  boiling  points  and  solubilities  in  opposite  ways;  associa¬ 
tion  increases  the  solubility  in  water  and  the  boiling  point,  whereas 
chelation  decreases  the  water  solubility  and  boiling  point  of  a  sub¬ 
stance.  Owing  to  association  between  the  OH  group  of  a  hydroxy 
compound  and  the  oxygen  atom  of  water,  there  is  a  tendency  for  the 
J  compoimd  to  dissolve  in  water.  However,  if  the  OH  group 
occur6  and  tlie  \  comP°und  is  tied  up  by  chelation,  association  cannot 
whth  ,  ?  S0lublllty  approaches  that  of  a  similar  compound 

ng  eff  t  oSfaIe?  gr°UP  ,  °ne  PraCtical  aPP]i-tion  of  this  contra^ 
in  the  senarltion  r  7  “77  °n  physical  Properties  is  made 
para-hydroxybenzaldehydes  or  ketones.  In  the  case  7  le  It 

hydr„yl  t„up  „M- 

conclusion  that  hydrogen  bonds  increase  in  strength  -a  S'  Venkateswaren  to  the 

as  oxyacids,  with  increasing  acidic  proDertvof^  l  f°rgamc  compounds,  such 
Set.,  7,  13  (1938)].  B  Property  of  the  substances  [Proc.  Indian  Acad 
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diminished  due  to  its  chelation  with  the  or£/io-carbonyl  group.  Con¬ 
sequently,  it  is  only  slightly  water-soluble,  and  therefore  steam  dis¬ 
tillable,  whereas  the  para  isomer  is  distilled  so  much  more  slowly  that 
very  little  will  distill  before  90  per  cent  or  more  of  the  ortho  isomer  has 
been  removed  from  the  mixture. 

A  method  of  differentiating  between  chelated  and  associated  com¬ 
pounds  has  grown  out  of  some  solubility  studies  of  Sidgwick.147  It 


Table  2.11 

Differences  in  Wet  and  Dry  Melting  Points  of  Some  Hydroxy  Compounds 146148 


I  (associated) 

II  (chelated) 

Depres- 

Depres- 

Substance 

sion 

Substance 

sion 

°C 

°C 

rn 

/C,H( 

fvS 

XXVII 

XXVIII 

(a) 

XXVII,  R  =  H, 

51 

(e)  XXVII,  R  =  OH, 

12.5 

R'  =  OH 

R'  =  H 

(b) 

XXVII,  R  =  OCH3, 

51 

(f)  XXVII,  R  =  OH, 

10.5 

R'  =  OH 

R'  =  OCH3 

(c) 

XXVII,  R  =  H, 

32.5 

(g)  XXVII,  R  =  NH2, 

11 

R'  =  NH2 

R'  =  H 

(d) 

XXVII,  R  =  OCH3, 

28 

(h)  XXVII,  R  =  NH2, 

13 

R'  =  NH2 

R'  =  OCH3 

xxviii 

3 

o 


H 


'N-CIIr. 

XXVIX 


(a)  XXVIX,  4-hydroxy 

(b)  XXVIX,  3-ehloro-4- 
hydroxy 

(c)  XXVIX,  3-bromo-4- 
hydroxy 


35 

(d)  XXVIX,  2-hydroxy 

5 

46 

(e)  XXVIX,  3-chloro-2- 

7 

hydroxy 

50 

(f)  XXVIX,  3-bromo-2- 

5 

hydroxy 

(g)  XXVIX,  2-methoxy 

14 

i«  E.  D.  Amstutz,  J.  J.  Chessick,  and  I.  M.  Hunsberger,  Science,  111,  305 

(19^N.  V.  Sidgwick  et  al.,  J.  Chem.  Soc.,  1202  (1915). 

i48  l.  N.  Ferguson  and  I.  Kelly,  J.  Am.  Chem.  Soc.,  <3,  3<0,  (1951). 
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consists  of  determining  the  difference  in  melting  points  of  a  substance 
when  dry  and  when  in  contact  with  water.  The  depression  in  melting 
point  of  chelated  compounds  when  wet  is  much  smaller  than  that  of 
associated  compounds  when  wet.  Presumably  this  is  due  to  the 
ability  of  an  associated  compound  to  associate  also  writh  water,  which 
increases  their  mutual  solubilities.  There  results  a  considerable  water 
content  in  the  eutectic  mixture,  whose  melting  point  is  therefore  much 
lower  than  that  of  the  pure  compound.  Since  water  is  much  less 
soluble  in  the  chelated  compound,  as  well  as  in  a  substance  which  is 
incapable  of  forming  hydrogen  bonds,  the  water  content  of  the  eutectic 
mixture  will  be  small,  and  so  will  the  wet  melting  point  depression. 
This  is  illustrated  by  the  data  listed  in  Table  2.11,  where  associated 
compounds  are  listed  on  the  left  and  similar,  but  nonassociated,  com¬ 
pounds  on  the  right.  It  can  be  observed  that  the  melting  point 
depressions  of  the  associated  compounds  are  in  a  range  separate  from 
that  of  the  chelated  compounds.  In  each  case,  the  authors  verified 
the  distinct  classification  of  these  two  groups  by  spectroscopic  data. 

The  depression  of  melting  points  caused  by  the  presence  of  liquid 
water  has  been  applied  extensively  by  Baker149  and  by  Chaplin  and 
Hunter150  to  detect  chelation  in  compounds  which  are  also  capable  of 
associating.  The  decrease  in  association  of  molecules  due  to  chelation 
may  have  a  marked  effect  upon  the  properties  of  molecules,  and  of 
course,  is  the  basis  for  the  separation  of  ortho  and  para  hydroxy  nitro 
and  carbonyl  compounds  by  steam  distillation.  Similarly,  m-  and 
p-fluorobenzoic  acids  are  much  more  associated  in  solution  than  is 
o-fjuorobenzoic  acid.  Here,  again,  the  o-fluoro  group  ties  up  the 

hydroxyl  group  through  chelation,  which  is  not  possible  in  the  meta 
and  para  isomers. 


volatilize  Chelation  can  occur  in  the  4(7)  isomer,  and 

W-  B&ker  et  a.1.,  J.  Chem  Soc  47Q  j  , . 

""  H.  0.  Chaplin  and  L.  Hunte7V  ci.iL  ?  anle"her  Papers. 

1,1  J.  L.  Rabinowitz  and  E.  C.  Wagner  J  Im't’h  *  *o39)  ‘2"‘*  earlier  Papers. 

gn  ,  J-  Am •  Chem ■  Soc.,  73,  3030  (1951). 
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4(7)-Nitrobenzimidazole 


5(6)-Nitrobenzimidazole 


therefore  it  is  less  associated  than  is  the  5(6)  isomer,  in  which  chelation 
is  not  possible.  Cryoscopic  measurements  indicate  also  that  the 
4(7)  isomer  is  less  associated  in  solution. 


Supplementary  Reading 

1.  M.M.  Davies,  Ann.  Reports  Chem.  Soc.,  43,  5  (1946). 

2.  L.  Hunter,  Ann.  Reports  Chem.  Soc.,  43,  141  (1946). 

3.  W.  H.  Rodebush,  Frontiers  in  Chemistry,  Vol.  Ill,  Interscience,  New  York,  1945, 
p.  137. 

4.  L.  Pauling,  Nature  of  the  Chemical  Bond,  Cornell  University  Press,  Ithaca,  1940 
Chap.  9. 


2.9  The  metallic  bond 

A  discussion  of  bond  types  would  not  be  complete  without  mention 
of  metallic  bonds,  although  an  extensive  discussion  of  such  a  topic  is 
beyond  the  scope  of  this  book.  Pauling  has  shown  recently152  that 
there  is  a  certain  covalent  character  to  metallic  bonds.  Both  V.  M. 
Goldschmidt153  and  N.  V.  Sidgwick154  had  suggested  earlier  that  there 
is  a  resemblance  between  metallic  and  covalent  bonds,  but  Pauling 
has  extended  the  idea  to  enable  logical  interpretations  of  the 
valences,155  interatomic  distances,  magnetism,  and  other  properties156 
of  metals  and  alloys.  In  particular,  Pauling  succeeded  in  correlating 
metallic  radii  with  the  percentages  of  d  character  of  metallic  bonds. 

The  early  theories  of  Drude  and  Lorentz,  in  which  the  electrons 
of  metals  were  treated  as  particles  of  a  gas  obeying  the  classical  aws, 
predicted  specific  heats  of  metals  which  did  not  agree  with  the  observed 
values  Sommerfeld’s  modification  of  treating  the  electrons  as  par¬ 
ticles  of  a  gas  obeying  the  Fermi-Dirac  statistics  predicted  specific 
hets  more  consistent  with  experimental  values,  but  hypothesised  free 

162 Pauling,  J.  Am.  Chem.  Soc.,  69,  642  (1927);  J.  Chem.  Soc.,  1461  (1948); 
Proc.  Roy.  Soc.,  A196,  343  (1948).  (1928) 

:::  %■  £££»  ^,1  u*-* 

I3Snow24y.  Chem.  Phy,,  18,  233  (1950). 

i6*  M.  Boudart,  J.  Am.  Chem.  Soc.,  72,  1040  (195  ). 
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paths  that  were  too  long  to  be  accepted.  Application  of  wave 
mechanics  to  the  motion  of  electrons  by  Brillouin  and  others  led  to 
successful  clarification  of  the  electrical  properties  of  many  metals,  but 
has  certain  mathematical  limitations  when  applied  to  metals  of  valency 
higher  than  two. 

Pauling  has  called  attention  to  the  fact  that  valence  numbers  of 
elements  in  ionic  substances  can  be  deduced  from  molecular  formulas, 
but  this  is  not  possible  for  covalent  compounds.  For  instance,  from 
the  formulas  of  common  hydrocarbons,  C3H8,  C4H10,  C5H12,  etc., 
carbon  would  have  various  fractional  valences,  yet  it  is  well  established 
that  carbon  has  a  single  covalence  of  four  in  most  of  its  compounds. 
Therefore  a  knowledge  of  structural  formulas  is  necessary  in  order  to 
learn  the  valences  of  atoms  in  covalent  compounds.  He  proposes 
that  each  atom  in  a  metal  or  alloy  forms  covalent  bonds  with  neighbor¬ 
ing  atoms,  the  bond  alternating  between  one-electron  and  two-electron 
bonds  among  the  available  interatomic  positions.  The  valency  of  a 
metal  is  not  the  number  of  unpaired  electrons  obtained  by  distributing 
the  outer  electrons  among  the  available  orbitals,  but  rather  depends 
upon  the  arrangement  in  which  they  occupy  the  available  orbitals 
and  the  ratio  of  the  available  orbitals  to  the  number  of  electrons 
involved.  This  is  a  function  of  the  element’s  position  in  the  periodic 
table,  which  is  also  true  for  the  covalence  of  nonmetallic  elements. 

W.  Hume-Rothery157  has  pointed  out  some  inconsistencies  and 
offered  objections  to  Pauling’s  hypothesis  and  believes  that,  although 
Pauling  has  interpreted  certain  facts  about  metals,  the  number  of 
arbitrary  assumptions  is  so  great  that  little  has  been  explained.  It  is 
true  that  much  of  the  available  data  can  be  interpreted  by  earlier 
theories  as  well  as  by  that  of  Pauling,  but  the  fact  that  a  single  theory 
can  be  used  to  correlate  much  of  the  data  is  significant.  In  any  event, 
Pauling’s  general  approach  is  extremely  suggestive  and  is  a  com¬ 
modious  alternative  to  the  earlier  theories. 

167  W.  Hume-Rothery,  Ann.  Repts.  Chem.  Soc.  London,  46,  42  (1949). 
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3.1  Relative  atomic  electronegativity 

The  attraction  of  an  atom  for  an  electron  may  be  found  from  one  of 
five  reactions,  of  which  the  energy  of  any  one  might  be  used  as  a 
measure  of  this  attraction. 


A  =  A+boi  +  e  (1) 

A  =  A+gaa  +  e~  (2) 

A  +  e"  =  A-  (3) 

A— B  =  A-  +  B+  (4) 

A — C — B  =  A— C"  +  B+  (5) 


Equation  (1)  is  the  electrode  potential  and  depends  on  the  free  energy 
of  the  element  in  its  standard  state  and  in  ionic  solution.  Equations 
(2)  and  (3)  are  the  ionization  potential  and  electron  affinity  of  the 
element,  respectively.  Equations  (4)  and  (5)  give  a  measure  of  the 
relative  electronegativities  of  atoms  A  and  B,  the  electronegativity 
being  defined  as  the  relative  power  of  an  atom  in  a  molecule  to  attract 
electrons  to  itself.  In  eq.  (5),  unlike  eq.  (4),  the  electronegativity 
of  A  is  exerted  through  an  intervening  atom  or  chain  of  atoms,  and 
also,  the  bonding  condition  of  A  does  not  change. 

Actually,  the  trends  of  electron  attractions  as  measured  by  the 
above  five  reactions  run  quite  parallel.1  Probably  the  energy  from 
reaction  (3)  is  the  most  logical  measure  of  an  atom’s  attraction  for 
electrons;  however,  use  of  reactions  (4)  and  (5)  has  the  greatest  app  lec¬ 
tion  to  organic  chemistry.  On  the  other  hand,  any  series  of  the 
electron  attractions  of  elements  based  on  eqs.  (4)  or  (5)  are  not  self- 
consistent.  Pauling  has  found  an  alternative  method  of  determining 

from  energy  considerations. 
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the  relative  attractions  for  electrons  of  elements  when  in  a  compound 
based  on  bond  energies.2 

The  bond  energy  of  a  molecule  A — B,  with  a  single  covalent  bond, 
might  be  expected  to  be  the  arithmetic  mean  of  the  bond  energies  of 
the  symmetrical  molecules  A — A  and  B — B.  That  is,  if  the  atoms 
A  and  B  are  quite  similar 

-E'ab  =  *(Eaa  +  Ebb)  (6) 


When  the  electronegativities  of  A  and  B  are  different,  the  electrons 
of  the  covalent  bond  will  not  be  centrally  located,  but  displaced 
towards  the  atom  of  greater  electronegativity.  Due  to  the  increased 
electron  density  around  the  latter  atom,  a  partial  negative  charge  will 
arise  on  this  atom,  and  an  equivalent  positive  charge  will  be  found  on 
the  other  atom. 

A+  :B“ 


Thus  the  covalent  bond  develops  an  ionic  character,  and  due  to 
coulombic  attraction  between  the  opposite  charges,  the  bond  is 
stronger  than  if  it  were  purely  covalent.  This  increase  in  bond  energy 
will  make  a  difference  between  EAB  and  the  arithmetic  mean  of  the 
bond  energies  of  the  molecules  A— A  and  B— B,  i(EAA  +  Ebb) ,  and 
Pauling  has  used  this  difference,  defined  by  the  equation 

Aab  =  Eab  —  ^[EAA  +  .Ebb]  (7) 

to  set  up  a  scale  of  relative  electronegativities.  It  is  to  be  noticed 
that  Aab  is  just  the  heat  liberated  in  the  reaction 


^A2  +  4b2  — >  A — B 


(8) 


■when  the  substances  are  all  in  the  gaseous  state. 

As  defined  by  eq.  (7),  A  is  the  extra  ionic  energy  of  a  covalent  bond 
and  should  always  be  positive.  However,  in  some  molecules,  for 

0rdpr  e,ar  m  ■ the  a  vaiues  are  ^s 

1  Jhf  lf, the  alge,”'alc  mean  ot  the  bond  energies  in  eq  (7)  is 
replaced  by  the  geometric  mean,  as  defined  by  eq.  (9), 

A'ab  =  Eab  -  [Eaa  X  EBBP  (9) 

the  A'  values  will  be  positive  even  for  the  cases  where  A  is  negative 

Jnd  t!  A*  UStrated  Sn  Tabl6  31>  where  ‘he  bond  energies  the  A 

and  the  A'  values  are  listed  for  a  number  of  bonds.  ’ 

•  i  f5auhng>  J •  Amer.  Chem.  Soc  54  3570  i'IQ'VU  r>  ■  , 

ical  method  of  W.  Gordy  for  determination  of  i  ^  ‘  ,  ComPare  Wlth  the  empir- 

Phys.,  14,  314  (1946)].  1  f  relatlve  electronegativities  [J .  Chem. 
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It  is  seen  that  the  method  of  geometric  means  leads  to  more  satis¬ 
factory  results  than  that  of  arithmetic  means.  Nevertheless,  Pauling’s 
scale  of  electronegativities  has  been  established  with  the  use  of  arith¬ 
metic  means,  since  A  is  the  energy  change  of  reaction  (8)  and  can  be 
determined  from  heats  of  reaction,  whereas  knowledge  of  individual 
bond  energies  is  required  for  calculation  of  the  A'  values.  When  A 


Table  3.1 

The  Bond  Energy,  and  Arithmetic  and  Geometric  Mean  of  Bond  Energies  of 

Some  Covalent  Bonds3 


Type  of 

bond 

Bond  energy 
(kcal/mole) 

Arithmetic  mean 
■j(Faa  +  Ebb) 

A 

Geometric  mean 
(E\\  X  Ebb)^ 

A' 

H— H 

103.4 

F— F 

63.5 

Cl— Cl 

57.8 

Br — Br 

46.1 

I— I 

36.2 

Li— Li 

27.2 

Na— Na 

18.4 

K— K 

12.6 

H— F 

147.5 

83.5 

64.0 

81.0 

66.5 

H— Cl 

102.7 

80.6 

22.1 

77.3 

25.4 

H— Br 

87.3 

74.8 

12.5 

69.0 

18.3 

H— I 

71.4 

69.8 

1.6 

61.2 

10.2 

Cl— F 

86.4 

60.7 

25.7 

60.6 

25.8 

Br— Cl 

52.7 

52.0 

0.7 

51.6 

1.1 

I— Br 

42.9 

41.2 

1.7 

40.9 

2.0 

I— Cl 

51.0 

47.0 

4.0 

45.7 

5.3 

Li— H 

57.7 

65.3 

-7.6 

53.0 

4.7 

Na— H 

52.3 

60.9 

-8.6 

43.6 

8.7 

K— H 

44.5 

58.0 

-13.5 

36.1 

8.4 

values  are  calculated  for  a  large  number  of  single  bonds  between 
nonmetallic  atoms,  it  is  found  that  they  are  not  entirely  self-consist¬ 
ent.  For  instance,  the  values  for  H — Cl  and  Cl  F  total  47.8  (22.1  + 
25.7)  which  should  equal  the  A  value  of  the  H  F  bond,  or  64.0. 
Greater  congruence  is  found  when  the  square  roots  of  the  A  values  are 

used;  for  example, 

A  Vi  +  A^ci-f  =  4.7  +  5.07  =  9.77 

which  is  closer  to  A1/2h-f  =  8. 

3  L.  Pauling,  Nature  of  the  Chemical  Bond,  Cornell  University  Press,  Ithaca, 
1940,  pp.  49-51. 
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The  ionic  character  of  unsymmetrical  covalent  bonds  arises  from 
the  differences  of  the  electronegativities4  of  the  two  atoms  forming  the 
bonds,  so  that  the  A  values  are  proportional  to  these  differences  in 
electronegativities.  Since  A54  values  are  more  self-consistent,  the 
difference  in  electronegativity  of  two  atoms  A  and  B  in  the  bond  A — B 
can  be  defined  by  the  equation 

(Xa  -  Xb)  =  \/Aa-b/23.06  (10) 

which  in  terms  of  bond  energies  will  give 


) 


(Xa  -  Xb) 


jE ab  -  ^(Eaa  +  Ebb) 
23.06 


(11) 


where  XA  and  XB  are  the  electronegativities  of  A  and  B  expressed  in 
electron  volts.  If  one  element,  say  hydrogen  for  example,  is  chosen 
as  a  reference,  the  relative  electronegativities  of  all  elements  may  be 
determined.  Pauling  did  this,  first  setting  XH  =  0.  For  instance,  if 
XH  =  0,  then  XA  is  the  square  root  of  the  Ah_a  value.  Also,  XA  can 
be  estimated  from  the  sum  (Ah_b)^"  +  (Ab-a)^,  from  which  an  average 
can  be  taken  when  several  elements  are  substituted  for  B.  On  the 
other  hand,  XB  could  be  calculated  from  Ab_a,  using  the  value  of  XA 
as  determined  from  Ah_a.  Thus  a  great  deal  of  juggling  can  be  done 
and  a  set  of  values5  chosen  which  show  the  best  uniformity. 

Close  parallelism  is  observed  between  the  relative  electronega¬ 
tivities  of  Pauling  and  two  other  proposed  scales,  one  based  on  electric 
dipole  moments6  and  the  other  on  the  average  of  ionization  potential 
and  electron  affinity.7  Mulliken8  has  concluded  from  quantum  me¬ 
chanics  that  the  dipole  moment  scale  of  electronegativities  is  not  well 
ounded.  His  scale  from  the  average  of  ionization  potential  and 
electron  affinity  agrees  very  well  with  Pauling’s  scale,  so  that  Pauling 
moved  the  origin  of  his  original  scale  from  XH  =  0  to  XH  =  2.1.  His 

nal  set  of  relative  electronegativities  for  about  one-third  of  all  the 
elements  is  given  in  Table  3.2.9 

each  Item,  by  tSebond  IZi  °l  *£?  n0nsWd  valence  electrons  on 

atoms  differing  greatly  in  polarizability.  ^  ^  ®  ^  b°ndS  between  two 

York,  1940,  p.  196^MfoU^wed  th^procedure'oflpaul^fflfl'n^t  McGra'v-Hi11’  New 
negativities.  His  values  differ  somewhat  *  A.  1  5 set. up  a  scale  of  electro¬ 
combinations  of  atom  pairs  were  made  to  tret  Tn  °f  ^aulmg  because  different 
element.  P  made  to  get  an  average  electronegativity  for  each 

,‘£  G‘  Phys.,  1,  197  (1933). 

8  R  S  Mu  MV611’  JT  Crum-  PhyS ■’  2’  782  (1934)- 
9L  '  Paulin!  kvn’/‘  Chfm ■  PhyS->  3’  573  (1935). 

p  aulmg,  Nature  of  the  Chemical  Bond,  Cornell  University  Press,  Ithaca, 
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Table  3.2 

Electronegativity  Values  of  Some  Elements  (XH  =  2.1) 


Li 

Be 

B 

C 

N 

O 

F 

1.0 

1.5 

2.0 

2.5 

3.0 

3.5 

4.0 

Na 

Mg 

A1 

Si 

P 

S 

Cl 

0.9 

1.2 

1.5 

1.8 

2.1 

2.5 

3.0 

K 

Ca 

Sc 

Ti 

Ge 

As 

Se 

Br 

0.8 

1.0 

1.3 

1.6 

1.7 

2.0 

2.4 

2.8 

Rb 

Sr 

Y 

Zr 

Sn 

Sb 

Te 

I 

0.8 

1.0 

1.3 

1.6 

1.7 

1.8 

2.1 

2.4 

Cs  Ba 

0.7  0.9 


Pauling’s  method  for  determining  relative  electronegativities  of 
the  elements  is  superior  to  other  methods  because  (1)  the  values  are 
more  self-consistent,  and  (2)  a  greater  number  of  values  may  be  deter¬ 
mined  from  available  experimental  data.  It  is  noteworthy  that  there 
is  a  regular  pattern  for  the  periodic  table.  This  pattern  shows  that 
electronegativities  of  elements  increase  from  left  to  right  and  from 
bottom  to  top  of  the  periodic  table,  and  that  the  metals  have  electro¬ 
negativities  less  than  2.0. 


3.2  Group  electronegativities 

Assignment  of  relative  electronegativities  to  groups  or  radicals 
has  been  attempted  by  many  persons  through  reactions  represented  by 
eqs.  (4)  and  (5).  The  results  must  be  taken  with  certain  reservations, 
for  it  can  be  shown  that  eqs.  (4)  and  (5)  are  not  equivalent  nor  are 
they  independent  of  B  and  C— B.10  For  instance,  even  from  the 

simple  reactions 


F — H  <_=r_ 

F-  +  H+ 

(12) 

Cl — H  -<=* 

Cl"  +  H+ 

(13) 

F2Hg 

2F-  +  Hg++ 

(14) 

Cl2Hg  *=>- 

2C1"  +  Hg++ 

(15) 

one  finds  a  contradiction.  From  the  pair  of  reactions  (12)  and  (13), 
chlorine  is  found  to  be  more  electronegative  than  fluorine  while  ‘he 
pair  of  reactions  (14)  and  (15)  indicate  the  reverse  to  be  the  case. 

For  another  illustration, 

10  Some  of  the  viewpoints  expressed  here  are  the  results  of  correspondence  with 
Professor  G.  E.  K.  Branch. 
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C02-  +  H+  (16) 


C02-  +  H+ 


(17) 


Ka  =  8.17  X  10~5: 

m — CH30 — C6H4 — COOH  <=±  m— CH30— C6H4C02-  +  H+  (18) 

Ka  =  5.38  X  10-5: 

m— CH3— C6H4— COOH  <=±  m— CH3— C6H4C02-  +  H+  (19) 

eqs.  (16)  and  (17)  suggest  that  CH3  is  more  electronegative  than 
OCH3  while  the  couple  (18)  and  (19)  indicate  CH3  to  be  less  electro¬ 
negative  than  OCH3.  Therefore,  reactions  (4)  and  (5)  are  not  inde¬ 
pendent  of  B  and  C  B.  Nor  are  reactions  (4)  and  (5)  equivalent, 
for  the  pair  of  reactions 

Ka  =  1.4  X  10~6: 


Cl— CH2— COOH  Cl— CH2— COO-  +  H+ 
Ka  =  2.0  X  10-5: 

F— CH2— COOH  F— CH2— COO"  +  H+ 


(20) 
(21) 

imply  that  fluorine  is  more  electronegative  than  chlorine,  while  (12) 
and  (13)  infer  that  the  reverse  is  true. 

Chemists  have  recognized  that  scales  of  relative  electronegativities 
o  groups  or  radicals  based  on  reactions  of  the  types  (4)  and  (5)  are 
different,  although  the  trend  is  usually  the  same.  Obviously,  the 
deviations  are  due  to  other  factors  influencing  the  reactions,  notably 
solvation  resonance,  and  induction.  Lucas'-  considered  the  dissocia¬ 
tion  constants  of  para-substituted  benzoic  acids  to  be  a  measure  of 

1ms  gmat  a0ffnTdiVb  ^  °f  SUbs“-  but  °f  ~  «£ 

(f etly  affected  by  resonance.  On  the  other  hand  if  one 

**  *  -  ~  ^  w 

for  ^  '''^ber  ^rTrmm^^roiT^^CoIumns^*^  e^3  C^4°ne^l^-V^^eS 

z 

"  M.  J.  Lucas  J  An,  1  T  and  allPhat‘C  compounds.  Column 
cas,  J.  Am.  Chem.  Soc.,  48,  1827  (1926). 


Table  3.3 

Relative  Electronegativities  of  Groups  in  Various  Series 
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G  is  from  the  work  of  Kharasch  and  his  co-workers13  who  studied  the 
cleavage  of  organomercury  compounds  to  determine  the  relative 
electronegativities  ot  a  large  number  of  organic  radicals.  In  spite  of 
the  several  criticisms  offered  about  the  assumptions  made  by  Karasch 
and  his  colleagues,  his  order  was  found  to  be  quite  self-consistent. 
H.  Gilman  and  co-workers14  have  also  studied  the  cleavage  of  organo- 
metallic  compounds  and  have  found  several  different  series  of  relative 
labilities  of  organolead,  organotin,  organobismuth,  and  organomercury 
compounds  upon  cleavage  with  hydrogen  chloride  or  n-butyllithium. 
Several  anomalies  can  be  observed  in  Table  3.3,  although  some  may  be 
attributed  to  effects  of  environmental  conditions.  It  is  noticeable 
that  there  is  an  inversion  of  the  order  of  the  halogens  between  the 
acetic  acids  (column  1)  and  the  para-phenylacetic  acids  (column  2)  or 
the  raeta-benzoic  acids  (column  4).  The  relative  orders  of  group 
electronegativities  fluctuate  because  of  superimposition  of  other 
effects,  such  as  resonance  and  field  polarizations.  The  series  in  which 
there  is  least  interference  by  other  effects  is  probably  the  substituted 
acetic  acids  for  which  there  is  the  order  of  decreasing  electronega¬ 
tivities  CN  >F>Cl>Br>I>  OCH3  >  CeH5  >  H  >  propyl  > 
ethyl  >  methyl  >  2-butyl.  It  might  be  pointed  out  that,  in  contrast 
to  this  order  of  the  alkyl  groups,  the  order  based  on  oxidation  poten¬ 
tials,  the  parachors,  or  the  absorption  spectra  of  aliphatic  ketones  is 
methyl  >  ethyl  >  propyl  >  n-butyl  >  amyl.15 


3.3  Per  cent  ionic  character  of  covalent  bonds 


If  the  bonds  of  a  molecule  A— B  were  purely  covalent,  it  would 
have  a  very  small  dipole  moment.16  On  the  other  hand,  if  its  structure 
were  purely  ionic,  A+B— ,  its  dipole  moment  would  be  close  to  the  piod- 
uct  of  an  electronic  charge  and  its  internuclear  distance.  The  ratio  of 
the  actual  moment  of  AB  to  the  moment  for  an  ionic  structuie  then 
can  be  taken  as  a  measure  of  the  contribution  of  the  ionic  structure 
to  the  normal  state  of  the  molecule,  that  is,  a  measure  of  the  ionic 
character  of  the  bond  A — B.  Following  the  procedure  of  Pauling,17 


13  M.  S.  Kharasch  et  al.,  J.  Am.  Chem.  Soc.,  54,  674  (1932);  J.  Org.  Chem.,  3, 
409  (1938)  and  previous  papers  in  this  series. 

“  H.  Gilman  and  H.  L.  Yale,  J .  Am.  Chem.  Soc.,  72,  8  (1950). 

16  R.  A.  Day,  A.  E.  Robinson,  J.  M.  Beilis,  and  S.  B.  Till,  J.  Am.  Chem.  Soc., 

72’  le^dipole  is  a  body,  or  an  area  within  a  body,  whose  ends  possess  equal  but 
opposite  charges,  and  its  moment  is  the  product  of  the  charge  at  either  end  by  the 

Corne,,  University  Press,  Ithaca, 

1940,  Chap.  2. 
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such  a  comparison  was  made  for  the  hydrogen  halides  and  the  data  are 
listed  in  Table  3.4  where  g  is  the  symbol  for  dipole  moments.18 
According  to  the  ratios  of  g/er  for  the  hydrogen  halides,  the  bonds  in 
HF,  HC1,  HBr,  and  HI  are  45,  17,  11,  and  5  per  cent  ionic,  respectively. 


Table  3.4 


Electric  Dipole  Moments  and  Ionic  Character 
of  Hydrogen  Halide  Molecules 


Bond 

er 

( X 1018  esu) 

M 

(X1018  esu) 

g/er 

H— F 

4.44 

1.98 

0.447 

H— Cl 

6.07 

1.03 

0.170 

H— Br 

6.82 

0.78 

0.114 

H— I 

7.74 

0.38 

0.049 

On  the  assumption  that  the  ionic  nature  of  covalent  bonds  arises 
fiom  the  unequal  sharing  of  electrons,  due  to  differences  in  electro¬ 
negativities  of  the  bonded  atoms,  an  empirical  expression  can  be 


lame  3.5 


Per  Cent  of  Ionic  Character  for  Electronegativity  Differences 18 

0.16(Xa  -  AB)  +  0.035(Aa  -  AB)2 


7q 

1 

< 

Per  cent 
ionic  character 

(Aa  -  Ab) 

Per  cent 
ionic  character 

0.2 

0.4 

0.6 

0.8 

1.0 

1.2 

1.4 

1.6 

3 

7 

11 

15 

19.5 

24 

29 

34.5 

- - - - 

1.8 

2.0 

2.2 

2.4 

2.6 

2.8 

3.0 

3.2 

40 

46 

52 

58.5 

65 

72 

79.5 

87 

From  the  data  in  Table  3  4  ToTthTl  I  eIectro,ne?ativity  difference. 

Smyth  developed  eq.  (22)  for  calculation  '  T™  ha  "les>  Hanna-V  and 

A-B  from  the  electronega  ivitTel^ X Zr°7  “  a  b°"d 

b  lieb,  Aa  and  AB  of  atoms  A  and  B 

is  ^  T  i0ni°  CharaCter  “  0-16(X‘  -  +  0-035(Aa  -  XB)*  '  (22) 

Oriani  and  C.^^niytln  68’  171  <19«>i  R-  A. 


80 


The  polar  nature  of  covalent  bonds 


[3.3 


Pauling  originally  developed  a  slightly  different  equation  based  on  the 
data  available  in  1940.  From  eq.  (22),  successive  per  cents  of  ionic 
character  corresponding  to  values  of  differences  in  electronegativity 
have  been  computed  and  are  listed  in  Table  3.5. 

Equation  (22)  provides  semiquantitative  information  about  the 
degree  of  covalency  of  a  given  bond.19  It  passes  one  test  in  that  it 
does  predict  the  ionic  character  of  the  bonds  in  three  salt  molecules 
in  fair  agreement  with  the  values  determined  from  experimental 
approximate  moments  of  these  substances  (Table  3.6). 


Table  3.6 


Ionic  Character  of  Some  Alkali  Halide  Molecules 18 


Salt 

Per  cent  observed 

Per  cent  calculated 
(eq.  22) 

Nal 

35 

32 

KI 

44 

35 

KC1 

47 

52 

Although  no  great  significance  should  be  attached  to  such  a  long 
extrapolation,  it  is  interesting  to  note  that  eq.  (22)  gives  the  reasonable 
value  of  91  per  cent  for  the  ionic  character  of  the  cesium  fluoride  bond, 
which  has  the  greatest  electronegativity  difference,  3.3,  of  any  possible 
pair  of  elements.  From  the  electronegativities  of  oxygen,  3.5,  and  of 
metals,  (<2)  it  can  be  found  from  Table  3.5  that  the  bonds  in  most 
oxides  possess  more  than  30  per  cent  covalent  character. 

It  is  noteworthy  that  in  considering  the  ionic  or  covalent  character 
of  bonds,  Fajans  (Sec.  2.5)  considers  the  factors  that  would  tend  to 
make  an  ionic  bond  more  covalent,  whereas  Pauling  considers  the 
ionic  character  of  a  covalent  bond  due  to  a  difference  in  electronega¬ 
tivity  of  the  two  bonded  atoms.  In  general,  the  same  conclusions 
about  bond  type  are  reached  by  the  two  approaches.  Nevertheless,  in 
addition  to  the  factors  considered  by  Fajans  and  Pauling,  stereostruc¬ 
ture,  intermolecular  forces,  and  molecular  weight  have  complex  effects 
upon  the  boiling  point  of  a  substance.20  For  instance  the  ionic 
character  of  the  bonds  in  SiF4  and  SnF4  are  calculated  (Table  3.7 
to  be  approximately  the  same  (52  and  55  per  cent,  respectively),  but 

10  Recent  work  has  suggested  that  the  dipole  moment  may  not  give  a  reliable 
indication  of  the  ionic  character  of  covalent  bonds  and 
be  accounted  for  partially  in  terms  of  hybridization  [E.  W  arhurst  and 

Nature,  167,  767  (1951);  D.  * 

20  See  the  excellent  discussion  on  tetrahalide  molccu  y 

J.  Chem.  Phys.,  15,  727  (1947). 
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SiF4  is  essentially  covalent  whereas  SnF4  is  primarily  ionic,  according 
to  their  boiling  points.  Apparently  the  small  difference  in  ionic  radii 
of  silicon  and  tin  (0.2  A)  is  just  the  critical  value  to  make  SiF4  covalent. 
Although  the  ionic  character  of  the  halide  compounds  decreases  from 
fluorine  to  iodine,  the  trend  of  boiling  points  increases  due  to  increasing 
molecular  weights.  Again,  the  bonds  in  TeF6  are  calculated  to  be 
43  per  cent  ionic,  but  instead  of  having  a  large  ionic  character,  its 
boiling  point  (— 35°C)  indicates  that  it  is  chiefly  a  covalent  substance. 
This  can  be  attributed  to  appreciable  polarization  of  the  anions  by  the 
large  cationic  charge. 


Table  3.7 

Boiling  Point  and  Per  Cent  Ionic  Character 
of  Some  Metal  Halides 


Element 

Fluoride 

Chloride 

Bromide 

Iodide 

Silicon  (IV) . 

-90 

705 

1291 

52 

55 

62 

57 

114 

183 

25 

40 

46 

153 

203 

255 

20 

22 

27 

290 

300 

381 

11 

13 

17 

Boiling  point  (°C) 

Per  cent  ionic 
character  (calc.) 

Tin  (IV) . 

Aluminum  (III) .  . 

Silicon  (IV) . 

Tin  (IV) . 

Aluminum  (III) .  . 

Covalent  Bond 
Distances  and  Bond 
Angles 


9 

4.1  Experimental  methods 

Of  the  experimental  methods  for  obtaining  information  on  the  geom¬ 
etry  of  molecules,  x  ray  and  electron  diffraction  are  the  most  direct. 
The  methods  of  molecular  spectroscopy  have  provided  much  invaluable 
information,  but  a  discussion  of  these  physiochemical  procedures  will 
be  postponed  to  Chapter  9. 

When  allowed  to  impinge  upon  matter,  x  rays1  are  scattered  (dif¬ 
fracted)  by  atoms  to  produce  a  pattern  on  a  photographic  film,  which 
is  a  function  of  the  atomic  arrangement  within  the  specimen.  When 
the  specimen  is  noncrystalline  one  obtains  a  diagram  consisting  of  a 
series  of  concentric,  diffuse  rings,  while  with  crystalline  powders  the 
rings  are  sharp.  The  presence  of  a  large  number  of  particles,  with  all 
possible  orientations,  is  responsible  for  the  uniform  density  of  x  rays 
in  each  cone.  If  the  powder  is  not  adequately  ground,  the  lines  will  be 
spotty,  and  their  relative  intensities  cannot  be  easily  compared. 
When  ’the  sample  is  a  fiber,  there  will  result  broad,  elongated  spots 
falling  on  curved  lines  perpendicular  to  the  fiber  axis,  and  finally,  if 
the  specimen  is  a  single  crystal,  one  obtains  a  pattern  of  dots  ananged 
in  rows  about  a  doughnut-shaped  dark  area.  X  rays  may  be  used 
with  solids,  liquids,  or  gases  but  the  chief  use  to  organic  chemists  has 
been  with  crystalline  powders.  Since  the  x  rays  are  scattered  mam  y 
by  the  electrons  of  the  atoms,  the  scattering  power  of  an  atom  is  a 
function  of  the  atomic  number;  this  function  has  been  established  for 
all  atoms  both  experimentally  and  theoretically.  It  is  thus  possible 
to  identify  the  atoms  in  crystalline  materials.  However,  most  organic 
substances  are  composed  of  carbon,  nitrogen,  oxygen,  an  y  rogen, 
and  the  atomic  numbers  of  the  first  three  elements  are  so  close  togethei 

1  Electromagnetic  energy  of  very  short  wavelength,  generally  between  0.7  and 
2.0  A  for  diffraction  work. 
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that  their  scattering  powers  differ  very  little,  so  that  they  are  extremely 
difficult  to  distinguish. 

The  charges  on  the  electrons  cause  them  to  have  low  penetrating 
power;  as  a  result,  they  are  used  primarily  for  study  of  molecules  in 
the  vapor  state.  The  basic  procedure  is  to  have  a  well-collimated 
beam  of  monoenergetic  electrons,  accelerated  by  about  40,000  volts, 
intersect  a  fine  jet  of  the  vapor  of  the  substance  to  be  studied.  4  he 
diffraction  pattern,  consisting  of  a  series  of  concentric  light  and  dark 
rings,  is  recorded  on  a  photographic  plate  in  preference  to  a  film 
because  a  plate  does  not  shrink  during  processing.  The  relative 
intensities  and  positions  of  the  rings  must  be  interpreted  in  terms  of  the 
atomic  structure  of  the  specimen.  The  scattering  of  the  electron 
beam  is  done  chiefly  by  the  atomic  nuclei,  and  because  of  their  small 
scattering  power,  hydrogen  atoms  cannot  usually  be  located.  Elec¬ 
tron  diffraction  is  the  principal  type  of  diffraction  studies  being  made 
now,  and  several  hundred  compounds  are  included  in  the  recent 
compilation  of  Allen  and  Sutton2  of  the  molecular  structures  which 
have  been  determined  by  this  technique. 

The  interpretation  of  diffraction  data  consists  of  calculating  dif¬ 
fraction  curves  for  a  series  of  assumed  molecular  models  by  means  of 
eq.  (1),  and  choosing  the  model  that  gives  the  best  agreement  with  the 
visual  evaluation  of  the  experimental  diffraction  pattern.  The  inten¬ 
sity  7  of  the  scattered  electrons  is  given  in  simplest  form  by  the  Debye 
equation 


(1) 


where  7o  is  the  intensity  of  the  initial  beam ;  r  is  the  distance  from  the 
scattering  center  to  a  point  on  the  photographic  plate  ;/<  =  (z  —  E),/s2 
is  the  atomic  scattering  factor  for  electrons;  Zi  is  the  atomic  number; 


is  the  atomic  scattering  factor  for  electrons:  s  =  4x(sin  a 


P.  W.  Allen  and  L.  E.  Sutton,  Acta  Cryst.,  3,  46  (1950). 
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until  agreement  is  obtained  between  the  theoretically  calculated 
maxima  and  the  experimentally  observed  ones  (the  rings  on  the  pat¬ 
tern).  In  this  manner  the  best  set  of  bond  distances  and  angles  is 
chosen,  although  data  from  other  experimental  results  are  often  used 
to  reduce  the  number  of  trial  shape  parameters. 

Fresh  impetus  was  given  to  those  making  electron  diffraction 
studies  by  adaptation  of  punched  card  computing  techniques  to  the 
calculations.3  The  complexity  of  eq.  (1)  suggests  the  necessity  of  a 
tremendous  amount  of  computation  which  would  be  tedious  and  time- 
consuming,  even  with  motor-driven  calculating  machines.  The 
thoroughness  of  diffraction  work  has  been  limited  occasionally  by  this 
factor.  Rapid  computing  equipment  makes  it  practical  to  make 
calculations  for  many  more  variations  of  molecular  models,  so  that  a 
more  exhaustive  analysis  of  diffraction  data  is  possible. 

The  intensity  expression  is  a  sum  of  terms  with  various  coefficients, 
and  for  a  term  whose  coefficient  is  small  compared  to  the  other  coeffi¬ 
cients,  the  corresponding  interatomic  distance  may  be  changed  over  a 
considerable  range  without  producing  a  detectable  effect  in  the  calcu¬ 
lated  curve.  For  this  reason,  hydrogen  atoms  cannot  be  located 
precisely  from  diffraction  data  since  the  coefficients  are  comparatively 
small  for  bonds  in  which  hydrogen  is  one  of  the  pair  of  atoms. 
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4.2  Bond  angles 


It  was  shown  in  Sec.  2.4d  that  the  angle  formed  by  a  pair  of  bonds 
of  a  given  atom  depends  primarily  upon  the  type  of  bond  orbitals 
which  that  atom  uses  in  bond  formation  with  other  atoms.  Further¬ 
more,  it  was  illustrated  that  this  angle  may  vary  considerably,  depend¬ 
in'  unnn  tho  remilsive  forces  between  nonbonded  atoms  of  that  mole- 


(1946). 
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angles  in  carbon  tetrachloride  have  the  tetrahedral  value  of  109  28  , 
but  in  CH2C12,  they  are  112°. 4  Hence  it  is  impossible  to  have  a  set 
of  standard  reference  bond  angles,  other  than  the  actual  values  as 
found  by  experiment  in  each  of  the  many  compounds  examined. 
Experimental  determination  of  bond  angles  is  made  simultaneously 
with  measurement  of  bond  distances,  since  the  geometry  of  a  molecule 
for  calculation  of  bond  distances  is  directly  dependent  upon  the  angles 
formed  by  the  interatomic  bonds. 


4.3  Covalent  radii 


Pauling  and  Huggins5  proposed  that  the  length  of  a  covalent  bond, 
A — B,  is  the  sum  of  the  covalent  radii,  ta  +  tb  of  the  atoms  A  and 
B.  For  example,  in  ethane,  chlorine,  and  carbon  tetrachloride  mole¬ 
cules,  where  carbon  and  chlorine  exhibit  their  normal  valences  in 
forming  essentially  covalent  single  bonds,  the  bond  lengths  are  given 
by  the  respective  sums:  in  Angstrom  units  rc_c  =  1.54  =  0.77  -f-  0.77 ; 
rci-ci  =  1-98  =  0.99  -f-  0.99;  and  therefore  rC- ci  =  1.76  =  0.77  + 
0.99.  Hence,  with  the  assumption  of  the  additivity  of  covalent  radii, 
and  from  experimental  bond  distances  in  simple  molecules  where  the 
bonds  are  essentially  covalent,  a  set  of  covalent  radii  can  be  estab¬ 
lished.  Pauling6  first  did  this,  and  later,  with  new  experimental 
data,  Shomaker  and  Stevenson7  revised  some  of  the  original  values. 
In  Table  4.1  there  are  given  many  useful  covalent  radii,  and  in  Table 
4.2  are  listed  some  common  bond  distances. 

These  covalent  radii  are  for  adoption  when  the  bonds  are  essen¬ 
tially  covalent,  but  more  often  such  factors  as  resonance,  steric  hin¬ 
drance,  and  differences  in  electronegativity  will  cause  actual  bond 
distances  to  be  different  from  the  sums  of  these  covalent  radii.  As  a 
matter  of  fact,  it  will  be  shown  in  Chapter  8  that  the  deviations  are 
used  often  as  a  criterion  for  the  occurrence  of  resonance  in  multiple 
bonds.  Shomaker  and  Stevenson7  have  shown  that  in  the  case  of 
single  bonds,  the  deviations  from  additivity  of  covalent  radii  can  be 
associated  with  the  ionic  character  of  the  bond  A — B  due  to  differences 

in  electronegativity  of  atoms  A  and  B.  They  estimated  this  effect 
with  the  use  of  eq.  (2) 


'  ab  =  rA  -f-  rB 


PV^-A 


^~BJ 


where  rAB  is  the  bond  distance  between  two  atoms,  A  and  B,  of  covalent 
radii  rA  and  r„  and  electronegativities  XA  and  X„,  and  0  is  a  constant  = 

^L.  O.  Brockway  J.  Phys.  Chem.,  41,  747  (1937). 

L.  Pauling  and  M.  L.  Huggins,  Z.  Krist.,  A87,  205  (1934). 

1940,  p.  164.mg’  atUre  ^  tke  Chemtcal  Bonrf>  Cornell  University  Press,  Ithaca, 

7  V.  Schomaker  and  D.  P  Stevenson  T  A  ™  nv  o 

.  otevenson,  j .  Am.  Chem.  Soc.,  63,  37  (1941). 
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Table  4.1 

Atomic  Covalent  Radii 67 


Type  of 

RADIUS 

H 

Li 

B 

C 

N 

O 

F 

Single  bond.  . 

0.37  A 

1.34  A 

0.88  A 

0.77  A 

0.74  A 

0 . 74  A 

0.72  A 

Double  bond . 

0.76 

0.67 

0.60 

0.55 

0.54 

Triple  bond .  . 

0.68 

0.60 

0.55 

0.50 

Na 

Si 

P 

S 

Cl 

Single  bond .  . 

1.54 

1.17 

1.10 

1.04 

0.99 

Double  bond . 

1.07 

1.00 

0.94 

0.89 

Triple  bond.  . 

1.00 

0.93 

0.87 

K 

Ge 

As 

Se 

Br 

Single  bond .  . 

1.96 

1.22 

1.21 

1.17 

1.14 

Double  bond . 

1.12 

1.11 

1.07 

1.04 

Rb 

Sn 

Sb 

Te 

I 

Single  bond .  . 

2.11 

1.40 

1.41 

1.37 

1.33 

Double  bond . 

1.30 

1.31 

1.27 

1.23 

Cs 

Single  bond.  . 

2.25 

Table  4.2 


Distance 

Bond 

1 .54  A 

F— H  •  •  • 

F 

O— H  •  • 

O 

1.34 

N— H  •  • 

F 

1.20 

N— H  •  • 

O 

1.09 

N— H  •  • 

N 

1.39 

Bond 


C„t— c 


sat 


C=C 
C=C 
C— H 

Carom  Carom 


Distance 


2.25-2.51  A 

2.42-2.90 

2.63-2.76 

2.76-3.03 

2.65-2.96 
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0  09  The  results  of  some  of  their  calculations  from  eq.  (2)  for  a 
number  of  bonds  are  listed  in  Table  4.3  along  with  the  differences 
between  the  additivity  rule  and  observed  values.  It  is  noticeable 
that  by  applying  the  correction  for  differences  in  electronegativity,  a 
more  accurate  estimate  of  single  bond  distances  from  co\  alent  radii 


Table  4.3 

Effect  of  Ionic  Character  on  Covalent  Bond  Distances 7 


Bond 

7*  obs 

Toalc* 

(rA  +  rB)  —  robs 

7*calc  7*oba 

C— H 

1.09  A 

1.10  A 

0.05  A 

0.01  A 

N— H 

1.01 

1.03 

0.10 

0.02 

0— H 

0.97 

0.98 

0.14 

0.01 

Si— H 

1.42 

1.51 

0.12 

0.09 

S— H 

1.35 

1.37 

0.06 

0.02 

Se— H 

1.50 

1.51 

0.04 

0.01 

H— Cl 

1.28 

1.28 

0.08 

0.00 

H— Br 

1.41 

1.45 

0.10 

0.04 

H— I 

1.60 

1.67 

0.10 

0.07 

Li— H 

1.60 

1.61 

0.11 

0.01 

Cs— H 

2.49 

2.49 

0.13 

0.00 

Cs— Cl 

3.06 

3.03 

0.18 

-0.03 

C— N 

1.47 

1.46 

0.04 

-0.01 

C— O 

1.42 

1.42 

0.09 

0.00 

C— F 

1.36 

1.35 

0.13 

-0.01 

C— Cl 

1.76 

1.71 

0.00 

-0.05 

C— Br 

1.91 

1.88 

0.00 

-0.03 

C— I 

2.12 

2.09 

-0.02 

-0.03 

rcaio  =  rA  +  rB  -  0.09(XA  -  XB). 


can  be  made,  for  the  values  in  the  fifth  column  of  Table  4.3  are  con¬ 
sistently  smaller  than  those  in  the  fourth.  There  are  still  several 
discrepancies  not  listed,  but  the  success  of  the  above  procedure  is 
sufficiently  general  to  show  that  the  lengths  of  bonds  are  affected  by 
even  small  amounts  of  ionic  character.  The  van  der  Waals  repulsion 
and  steric  effects  also  affect  bond  distances.  For  instance,  even  in 
the  simple  chloromethanes,  the  C— Cl  bond  distance  is  found  to  vary 
almost  0.03  angstrom  units. 


CH3C1 

CH2C12 

CHCU 

CC14 


-Vl  distance 

1 . 780  A 
1.772 
1.763 
1 . 755 


andWv!nlar  ware,nt  la,ter, that  electronegativity  differences,  resonance, 
d  an  der  W  aals  and  electrostatic  forces  must  be  considered  in  trying 
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to  account  for  observed  internuclear  distances.  However,  it  is  already 
evident  that  no  single  set  of  bond  radii  with  the  principle  of  additivity 
can  be  used  for  all  molecules. 


4.4  Some  applications  of  diffraction  studies 


From  spectroscopic  measurements,  which  are  discussed  in  Sec. 
9.2b.iii,  and  diffraction  measurements,  the  bond  distances  and  angles 
have  been  determined  for  many  hundreds  of  organic  compounds.  In 
addition,  diffraction  measurements  have  been  utilized  to  determine  the 
size  and  shape  of  many  types  of  large  molecules,  such  as  the  phthalo- 
cyanines,8  biotin,9  proteins,10  and  viruses.11  It  will  be  shown  later 
that  some  of  the  strongest  evidence  for  resonance,  hyperconjugation, 
and  induction  is  based  on  the  abnormal  length  of  certain  bonds  in 
given  molecules. 

The  knowledge  of  bond  distances  and  angles  in  certain  molecules 
has  made  it  possible  to  draw  conclusions  about  their  structures  that 
would  otherwise  be  very  difficult,  if  possible.  For  instance,  the 
tellurium  atom  in  the  tellurium  tetrachloride  molecule  has  four 
covalent  bonds  plus  an  unshared  pair  of  electrons.  It  was  suggested12 
from  dipole  moment  measurements  that  the  molecule  does  not  have  a 
symmetrical  tetrahedral  or  square  coplanar  structure,  but  it  was  not 
possible  to  decide  what  form  of  unsymmetrical  structure  the  molecule 
does  possess.  From  electron  diffraction  studies,13  however,  it  was 
shown  that  the  molecule  has  a  distorted  trigonal  bipyramidal  con¬ 
figuration  with  the  chlorine  atoms  occupying  two  equatorial  positions 
and  the  two  apical  positions,  and  the  unshared  electron  pair  has  the 
other  equatorial  position. 


Cl 


Cl 


Cl 
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Tellurium  tetrachloride  was  the  first  tetrahalide  molecule  shown  not  to 
have  the  structure  of  a  regular  tetrahedron. 

Several  structures  had  been  postulated  for  ozonides  which  are 
obtained  from  the  reaction  of  ozone  with  olefins,  but  diffraction  meas¬ 


urements  have  provided  strong  evidence  that  the  structure  of  an 
ozonide  is 


O 


/ 


\ 


C— R2 


r2— c 


\ 


0—0 


4.5  The  tetrahedral  carbon  atom 


It  is  noteworthy  that  even  before  the  advent  of  modern  powerful 


experimental  methods,  classical  organic  chemists  had  recognized  that 
the  four  valences  of  a  carbon  atom  form  a  tetrahedron.  This  conclu¬ 
sion  was  reached  on  the  basis  of  the  structural  theories  of  organic 
chemistry,  and  the  logical,  but  not  historical,  ideas  can  be  given  here.14 

The  molecular  formulas  of  common,  stable  compounds,  such  as 
CH4,  CCU,  CH3CI,  etc.,  permit  the  fundamental  concept  of  a  quadri- 
valence  for  carbon  and  a  univalence  for  hydrogen  and  chlorine.  More¬ 
over,  the  inability  to  isolate  isomers  from  the  monosubstitution 
products  of  methane,  CH3X,  indicates  that  the  four  valences  of  carbon 
are  geometrically  equivalent.  This  failure  to  resolve  CH3X  com¬ 
pounds  into  two  or  more  isomers  is  not  due  to  the  equivalence  in 
stability  of  the  would-be  isomers,  for  no  matter  what  the  derivative 
is,  i.e.,  CH3CI,  CH3NO2,  CH3COOH,  etc.,  no  type  of  physical  or 
chemical  experimental  evidence  has  indicated  even  the  presence  of 
isomers  in  a  sample  of  one  of  these  compounds.  This  is  on  the  basis, 
of  course,  that  the  substituent  itself  does  not  make  isomerism  possible. 


Ihe  equivalence  of  the  valences  of  carbon  restricts  the  atomie 


O' 

III 


I 


II 
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The  planar  model  can  form  a  square  or  a  rectangle,  but  not  a 
parallelogram,  for  then  two  hydrogen  atoms  would  be  closer  to  the 
central  carbon  atom  than  the  other  two,  and  hence  all  four  would  not 
be  equivalent.  However,  the  base  of  the  pyramidal  structure  must 
be  a  square,  for  if  it  were  rectangular,  two  enantiomorphic  forms  of  a 
monosubstituted  methane  would  be  possible. 


It  is  observed  that  the  two  square-based  pyramids  are  superposable, 
whereas  the  two  rectangular-based  pyramids  are  not.  As  stated 
before,  no  type  of  isomerism  is  observed  for  monosubstituted  methane 
derivatives. 

Failure  even  to  detect  the  presence  of  isomers  of  disubstituted 
products  of  methane,  CH2X2,  eliminates  the  planar  and  pyramidal 
structures,  for  with  structures  I  and  II,  two  isomers  would  be  possible, 
depending  on  whether  the  two  substituents  hold  adjacent  or  opposite 


IV  or  V. 

X 

I 

X 

| 

1 

H— C— H 

H— C— Y 
| 

1 

Y 

1 

H 

IV 

V 

Furthermore,  if  the  two  substituents  are  not  alike,  stereoisomerism 
would  be  observed,  because  the  form  with  adjacent  substituents  would 
have  a  nonsuperposable  mirror  image. 


Since  optical  activity  has  not  been  observed  for  any  the  ^‘s"  , 
tion  products  of  methane,  it  can  be  concluded  that  ne.ther  the  planar 
nor  pyramidal  models  can  represent  the  configurat.cn  formed  by  the 
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carbon  valences.  It  might  be  suggested  that  the  configuration  of 
CH2XY  is  planar  indeed,  but  a  rapid,  easy  transition  between  IV  and 
V  prevents  their  separate  isolation.  1  his  idea  of  an  interchangeability 
of  bonds  can  be  rejected  because  it  is  contradictory  to  the  fact  that 
stereoisomers  are  isolable  for  Cabcd  compounds. 

Additional  evidence  for  elimination  of  the  planar  and  pyramidal 
forms  is  found  in  a  consideration  of  optical  activity.  If  a  trisub- 
stituted  methane  derivative,  CHXYZ,  containing  three  different 
substituents,  had  the  planar  configuration,  there  would  be  a  plane  of 
symmetry,  namely,  the  plane  itself,  and  optical  isomerism  would  not 
be  observed.  Also,  the  optical  activity  of  spiral  structures,  such  as 


is  possible  only  with  the  tetrahedral  model,  since  in  the  planar  struc¬ 
ture,  again  the  plane  itself  would  be  a  plane  of  symmetry,  whereas  the 
pyramidal  structure  (VI)  would  have  a  plane  of  symmetry  through 
its  middle  and  perpendicular  to  the  base.  In  the  tetrahedral  structure 


H 


(VII)  it  can  be  seen  that  the 


planes  of  each  C 


group  are  per- 


NH2 

pendicular  to  each  other  and  therefore  make  a  plane  of  symmetry 
impossible. 


s  leaves  only  the  tetrahedron  as  a  possible  configuration  of  the 
valences  of  carbon.  It  is  satisfying  to  find  that  it  is  consistent  with 
odein  observations  of  physical  properties.  For  instance  CC1  does 
not  have  a  dipole  moment,  although  it  would  hlve  a’veS  la^ 
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moment15  if  it  had  the  pyramidal  structure.  Also,  CH2C12  does  have 
a  dipole  moment,  whereas  if  it  had  the  planar  structure  IV,  it  would 
not  have  a  dipole  moment.  The  tetrahedral  structure  must  be  a 
regular  tetrahedron  to  account  correctly  for  the  observed  number  of 
stereoisomers,16  because  an  irregular  tetrahedron  would  call  for  too 
many  isomers.  The  spacial  configuration  of  the  atomic  arrangement 
in  carbon  compounds  is  sometimes  represented  schematically  by 
joining  two  singly  bonded  carbon  atoms  at  the  corners,  two  doubly 
bonded  carbon  atoms  at  the  edges,  and  two  triply  bonded  carbon 
atoms  at  the  faces  of  two  tetrahedrons. 


(C-C) 


(C=C) 


15  In  Chapter  6  is  discussed  the  small  dipole  coinciding  with  each  C — Cl  bond 
with  the  negative  end  directed  toward  the  chlorine.  Therefore  if  CC14  had  a 
pyramidal  structure,  all  four  dipoles  would  be  directed  with  their  negative  ends 
away  from  carbon,  and  the  molecule  as  a  whole  would  have  a  negative  end  and  a 
positive  end,  giving  it  a  large  dipole  moment. 

16  For  a  straight  chain,  the  theoretical  number  of  optically  active  isomers  may 

be  calculated  as  follows:  Let  a  =  number  of  optically  active  isomers,  m  =  number 
of  optically  inactive  isomers,  i.e.,  meso  forms,  and  n  =  number  of  asymetric  carbon 
atoms  (the  number  of  racemic  mixtures  will  always  equal  a/2).  There  are  three 
cases  (1)  If  the  molecule  cannot  be  divided  into  two  halves  which  are  mirror 
images  of  each  other,  then  a  =  2",  and  m  =  0.  (2)  If  the  molecule  can  be  divided 

into  two  halves  which  are  mirror  images  of  each  other,  and  n  is  even,  a  —  2(n  1  , 


and  m  =  2(2  (3)  Same  as  the  second  case  except  that  n  is  odd,  i.e.,  the 

molecule  is  divided  through  the  center  carbon  atom,  and  this  atom  is  called  a  pseudo 
asymetric  carbon  atom,  for  its  asymmetry  depends  on  whether  the  configurations 
of  the  two  halves  are  superposable  or  not.  However,  it  is  included  in  the  number 

/n  — 1\ 

n  and  a  =  2(n_1)  —  2'-  2  ,  and  m  =  2^  2 

Concerning  calculations  for  branched  and  all  straight-chain  compounds,  see 
G  E  K.  Branch  and  T.  L.  Hill,  J.  Org.  Chem.,  5,  86  (1940) ;  for  monosubstituted 
aliphatic  alcohols,  see  E.  S.  Allen  and  H.  Diehl,  Iowa  State  College  J.  Set.,  16,  161 
(1942);  for  cyclic  compounds  see  M.  A.  M.  Ramirez,  Anales  fis  y  qulm  37,  594 
1941)  Chem.  Abstracts,  37,  71  (1943);  for  all  types  of  i somensm  ,  see  JR ™  ’ 
J.  Chem.  Phys.,  11,  294  (1943)  and  W.  J.  Taylor,  J.  Chem.  Phys.,  11,  532  (1943). 


Intramolecular  Forces 


5.1  Interatomic  repulsive  forces 

Due  to  van  der  Waals  forces,  each  type  of  neutral  atom  or  atomic 
grouping  has  a  definite  volume  within  which  a  large  repulsion  arises 
when  another  atom  penetrates  the  periphery  of  this  volume.  An 
attempt  to  explain  these  repulsive  forces  will  not  be  made  here,1  other 
than  to  say  that  whenever  atoms  closely  approach  one  another  and 
their  electronic  shells  do  not  coalesce  as  a  result  of  bond  formation,  the 
electronic  shells  greatly  resist  interpenetration  due  to  electrostatic 
foices.  Pauling"  has  estimated  the  radii  of  these  volumes,  referred 
to  as  van  der  Waals  radii,  from  diffraction  studies  on  crystals,  and 
they  aie  reproduced  in  Table  5.1.  As  a  matter  of  fact,  van  der  Waals 
radii  change  with  environmental  conditions.  For  example,  the  radii 
found  from  crystalline  compounds  and  the  liquid  element3  are  1.8 
and  1.65  A  for  chlorine,  and  1.95  and  1.8  A  for  bromine,  respectively. 
However,  only  a  few  radii  have  been  determined  for  the  liquid  state, 

so  occasionally  Pauling’s  values  are  reduced  10  per  cent  in  their 
application. 


Table  5.1 

van  der  Waals  Radii  of  Some  Atoms 2 


N 

1.5  A 

0 

1.4  A 

P 

1.9 

S 

1.85 

As 

2.0 

Se 

2.0 

Sb 

2.2 

Te 

2.2 

F  1 . 35  A 

Cl  1.8 
Br  1.95 
I  2.15 


CH,  group  -  2.0  A.  Half  thickness  of  aromatic  nucleus  =  1 .85  A 

2?'  *?:eath  and  J-  W-  Linnett,  J.  Chem.  Phys.,  18,  147  (1950) 

Ithaca,  1940mp.'l89  °f  B°nd ’  2d  ed-  CorJl  University  Press, 

Smyth  andwls!  Wall? '  Ichell'hyf am)S°C"  979  (1935):  C-  P- 
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5.2  Free  rotation  and  internal  rotations 

The  crudeness  of  early  experimental  techniques  prevented  the 
distinction  of  molecules  differing  only  as  the  result  of  a  rotation  of  two 
groups  about  a  single  bond,  and  this  fact  gave  rise  to  the  fallacious 
concept  of  free  rotation  about  single  bonds.  For  example,  isomers 
of  1,2-dichloroethane  were  not  detectable,  so  that  the  trans,  gauche ,  and 
cis  isomers  were  considered  to  be  equivalent  because  of  their  free 
interconversion  of  one  to  another  by  the  necessary  rotations  about  the 
C — C  bond.  In  most  instances,  it  is  unnecessary  to  consider  sepa¬ 
rately  those  molecules  which  differ  only  as  a  result  of  a  rotation  of  two 
groups  about  a  single  bond,  although  it  is  now  well  established  that 


H 

I 

H  /  Cl 


H  /  H 

XT 


H, 


/Cl 


H 


H 


1 

Cl 

I 

Cl 

i 

Cl 

Cl 

7h 

Hi 

H 

iH 

HW 

A  / 

H' 

KA 

Cl 

V 

Cl 

V 

Cl 

cici 

trans 

gauche 

CIS 

H 


such  rotations  are  indeed  hindered  in  amounts  varying  from  nil  to 
that  required  for  the  isolation  of  isomers  (Sec.  5.3b). 

Consider  once  again  1,2-dichloroethane.  In  the  irons  isomer  the 
atoms  of  one  chloromethyl  group  are  staggered  with,  and  are  at  the 
maximum  distance  from,  the  atoms  of  the  other  chloromethyl  group. 
In  the  cis  form,  the  atoms  at  one  end  of  the  molecule  are  oppos 
those  at  the  other  end,  and  hence  there  is  minimum  sepa^ion  ^tween 
the  atoms  of  the  two  chloromethyl  groups.  In  ‘ransformat^ 
of  one  isomer  to  another,  rotation  takes  place  about  t  ^ 

and  the  atoms  of  one  chloromethyl  group  must  approach  and  pass  the 
“oms  of  the  other  chloromethyl  group.  The  question  now  is,  what 

energy  if  any,  is  required  to  bring  about  sue  1  a  10  a  '  ,  j 

Tt  has  been  shown  already  that  unsymmetncal  covalent  bonds 
It  has  been  s  differences  in  electronegativities 

TtZ  KfST  X  £  » = f  ysr.fi: 

an  electric  dipole  associated  with  such  bonds,  lhere  a.e 
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points  on  what  causes  the  resistance  to  free  rotation  about  covalent 
single  bonds;  one  attributes  the  energy  barrier  (the  energy  that  is 
necessary  to  effect  a  given  operation)  to  electrostatic  repulsion  between 
the  bond  dipoles,4  and  the  other  chiefly  to  van  der  Waals  repulsion, 
with  a  small  contribution  from  bond-dipole  repulsion.5  Nevertheless, 
both  viewpoints  are  consistent  with  the  available  data. 

The  bond  dipole  of  a  C — Cl  bond  is  greater  than  and  opposite  to 
'lhat  of  a  C — H  bond,  and  also  a  chlorine  atom  has  a  larger  van  der 
Waals  radius  than  a  hydrogen  atom;  consequently  there  is  greater 
repulsion  between  the  two  chlorine  atoms  of  1,2-dichloroethane  than 
between  a  chlorine  atom  and  a  hydrogen  atom,  or  between  two  hydro¬ 
gen  atoms.  Hence,  from  the  standpoint  of  van  der  Waals  repulsion,  or 
bond  dipole  repulsion,  and  interatomic  distances,  the  over-all  repulsion 
between  the  two  chloromethyl  groups  is  least  in  the  trans  form,  greatest 
in  the  cis  form,  and  of  intermediate  value  in  the  gauche  form.  There¬ 
fore,  of  the  three  isomers,  the  trans  is  the  most  stable  and  the  cis  the 
least  stable. 

The  relative  stabilities  of  these  isomers  can  be  represented  by  the 
diagram  in  Fig.  5.1  where  the  potential  energy6  of  the  system  is  plotted 
against  the  angle  </>  bettveen  the  Cl — C — C  planes.  A  similar  curve 
can  be  drawn  for  ethane  in  which  the  three  valleys  (minima)  would 
be  of  equal  depth.  The  curve  in  Fig.  5.1  is  only  semiquantitative,  for 
the  heights  of  the  barriers  between  isomers  are  not  known  exactly. 

The  thermodynamic  method  of  calculating  energy  barriers  to 
internal  rotation  is  applicable  to  cases  where  the  rotation  does  not 
pioduce  a  new  isomer,  as  in  the  rotation  of  a  methyl  group  in  ethane, 
as  well  as  to  cases  where  the  rotation  results  in  a  new  isomer,  as  with 
1,2-dichloroethane.  Essentially,  the  method7  consists  in  comparing 


4E.  N.  L^seUrc  andL.  B.  Dean,  J.  Chem.  Phys.,  17,  317  (1949). 

t  a  Pd  Beaoh  and  Iv'  J'  Palmer>  Chem.  Phys.,  6,  639  (1938)-  K  S  Pitzer 
J.  Am.  Chem.  Soc.,  70,  2140  (1950).  v  jooj ,  rs..  ©.  ritzer, 

,  °  P?tential  enersy  is  a  measure  of  the  stability  of  a  substance  and  can  be 

a  compo^  WThedreforeeqUired  t0 

sidered  more  stable,  the  smaller  its 

potent  energy  a  system  measurable,  but  insfed,  cha^s  in  itl  potent! 

crepancL^twttmuTdt^b0',41:6  ,meth°d.t0  aCOOlmt  f°r  *PP“™t  d*- 

end"  K.  S.  Piter  "  ““w 

by  J.  G.  Aston  in  H  S  Tavlor  onH  Q  pi  \  b  ,  ^  ls  descnbed  in  detail 

3d  ed„  Vol.  I,  Van  Nostrand,  New  K*  p  tff'  5*^- 

s,  Mizushima,  Y.  Merino, 


96 


Intramolecular  forces 


[5.2 


the  entropy  calculated  from  heat  capacity  measurements  with  that 
computed  by  statistical  mechanics,  assuming  free  internal  rotation. 
For  the  statistical  entropy,  certain  spectroscopic  data  and  the  moments 
of  inertia  must  be  available.  In  order  to  obtain  the  height  of  the 
barrier  from  the  difference  between  calorimetric  (heat  capacity)  and 
statistical  entropy  values,  an  equation  must  be  chosen  which  will  give 
approximately  the  shape  of  the  potential  energy  curve.8  Then  from 


Fig.  5.1.  Potential  energy  curve  for  rotation  about  the  C — C  bond  of  1,2-dichloro- 

ethane.8 


this  potential  function,  the  resistance  to  rotation  can  be  calculated. 
Gwinn  and  Pitzer,8  and  later  Bernstein,8  did  this,  and  found  a  potential 
energy  barrier  between  the  trans  and  gauche  isomers  of  1,2-dichloro- 
ethane  of  1.4  kcal/mole.  For  comparison,  the  results  of  this  method 
and  those  of  other  methods  with  1,2-dichloroethane  are  listed  in 

Table  5.2.  . 

It  is  noteworthy,  and  it  can  be  seen  easily  with  Fisher-Hirshfelder 

models,  that  in  the  cis  isomer  of  1,2-dichloroethane,  the  two  chlorine 
atoms  would  overlap  if  the  normal  covalent  bond  distances  and  angles 
were  maintained.  Gwinn  and  Pitzer8  calculated  the  chlorine-chlorine 
distance  as  a  function  of  the  angle  4>  between  the  Cl— C— C  planes 


Phys.,  17,  591  (1949);  K.  S.  Pitzer  and  D.  W.  Scott,  J.  Am.  Chem.  Soc.,  65,  803 

(194For  a  bibliography  of  statistical  calculations  of  thermodynamic  quantities, 
see  J.  R.  Partington,  An  Advanced  Treatise  on  Physical  Chemistry,  Vol.  1,  Long¬ 
mans,  Green,  New  York,  1949,  p.  350.  MQ48V  H  J  Bern- 

*  W.  D.  Gwinn  and  K.  S.  Pitzer,  J.  Chem.  Phys.,  16,  303  (1948),  H.  J.  cern 

stein,  J.  Chem.  Phys.,  17,  262  (1949). 
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(<t>  =  180°  for  the  trans  isomer)  and  estimated9  that  the  two  chlorine 
atoms  will  be  in  contact  at  an  angle  of  <f>  =  50°.  This  would  make  the 
energy  barrier  between  the  gauche  and  cis  isomers  approach  infinity; 
however,  the  repulsion  is  relieved  through  widening  of  the  Cl — C — C 
bond  angles.  The  distortion  of  these  bond  angles  requires  a  small 
amount  of  energy,  but  the  van  der  Waals  repulsion  decreases  rapidly 


Gauche 
(End  view) 


Gauche 
(Top  view) 


Trans 
(Top  view) 

Fisher-Hirschf elder  models  of  1,2-dichloroethane. 


with  small  changes  in  the  bond  angles.  As  a  result,  Bernstein8  has 
calculated  the  cis-trans  energy  difference  to  be  4.5  kcal. 

The  method  of  calculating  energy  differences  between  rotational 
isomers  from  dipole  moment10-11  and  spectroscopic  measurements12- 13- 14 
will  be  understood  better  after  these  physical  properties  have  been 
discussed.  Nevertheless,  the  basic  principles  of  the  two  methods 


for  IhP  been  found  experimentally  that  the  chlorine-chlorine  distance  is  4  4  A 
j.  f°r  the  9auche  isomer  |W'  Edge11  and  G-  tickler, 

ZahlJ^T«r“38?527'(mi(;Winn’  ^  ^  ^  Sx-  71’  2785  <1949>;  C-  T- 

»  Y  Morino8  T Ir?*  .Mee™a“nf  Rec.  trav.  chim.,  61,  525  (1942). 

18,  754  (SrH  j  ZtT’  r  and  M'  Katayama-  J-  Chem.Phys., 

13  j  p3,<r“;;-T?er,5e,n' J:  Chem ■  Phy° ■.  w.  897  (1950);  17, 250  (1949 

14  5  E  Bernstein-  J-  Am.  Chem.  Sac.,  73,  l82b  (1951) 

(1949)  Rank’  R-  E-  KaganSe’  and  D-  W-  E-  Oxford,  J.  Chem.  Phys,n,  1354 
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will  be  described  here  briefly.  The  average  energy  of  a  gas  collision 
at  room  temperature  is  RT,  or  about  0.6  kcal.  Consequently,  at 
room  temperature  most  of  the  molecules  of  1,2-dichloroethane  will 
have  the  trans  configuration,  or  one  differing  from  it  by  only  a  small 
rotation  about  the  C — C  bond,  while  a  small  fraction  of  the  molecules 
which  make  unusually  favorable  collisions  will  possess  the  gauche 
form.  There  is  an  equilibrium  between  the  two  isomers  at  any  given 
temperature  which  will  change  with  temperature;15  the  proportion 
of  the  gauche  isomer  increases  with  an  elevation  in  temperature.  The 
gauche  and  trans  isomers  possess  characteristic  Raman  and  infrared 
absorption  bands;  that  is,  they  absorb  energy  in  different  regions  of 
the  spectrum,  and  the  relative  amounts  of  absorption  are  directly 
proportional  to  the  relative  amounts  of  the  two  isomers.  Therefore, 
for  the  equilibrium  between  the  trans  and  gauche  isomers,  the  equilib¬ 
rium  constant  is  equal  to  the  ratio  of  the  intensities  of  the  absorption 
bands,  Ag/At,  which  is  measurable  (Sec.  9.2b.i). 


trans  gauche 


K  = 


C  gauche 


'  trans 


Ag 


By  application  of  the  van’t  Hoff  equation,  then,  d(ln  K)/d(l/T)  — 
-A H/RT,  the  slope  of  the  line,  when  the  ratio  of  absorption  intensities 
is  plotted  against  1  /T,  will  permit  a  calculation  ot  the  heat  of  reaction, 
i.e.,  the  difference  in  energies  of  the  two  isomers. 

Similarly,  the  two  isomers  possess  different  electric  dipole  moments 
and  the  variation  of  the  electric  moment  with  temperatuie  will  yield 
the  isomerization  energy  AH.  These  two  procedures  do  not  give  the 
height  of  the  barrier  between  isomers,  but  the  difference  in  potential 
minima,  that  is,  the  difference  in  potential  energies  of  the  two  isomers. 
For  comparison,  the  results  from  different  methods  of  measurement 
of  the  rotational  isomerization  energy  for  1,2-dichloroethane  are  listed 
in  Table  5  2.  Considering  the  uncertainties  in  the  various  techniques, 
with  the  exception  of  the  last  value,  the  agreement  is  not  bad. 


»  In  this  connection,  it  is  interesting  that  cw-butadiene  has  been ■  f°"n* t0  be 
the  more  stable  isomer  at  dry  ice  temperatures,  whereas  the  trans  ^ 

lower  potential  energy  at  room  temperatures  [R  S  Rasmussen,  D.  D.  Tunmclifi, 
and  R.  R.  Brattain,  J.  Chem.  Phys.,  11,  432  (1943)]. 
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The  range  of  experimental  values,  0.74  to  2.42  kcal,  is  greater  for 
1,2-bromoethane. 

It  is  seen  in  Table  5.2  that  the  last  value  listed,  the  energy  dif¬ 
ference  between  trans  and  gauche  1,2-dichloroe thane  in  the  liquid 
state,  is  much  lower  than  the  values  for  the  gaseous  state  or  in  dilute 
solution.  This  has  been  explained  satisfactorily  by  Mizushima  and 
his  collaborators.16  It  is  based  on  a  hypothesis  of  Onsager17  that  a 

Table  5.2 


Rotational  Isomerization  Energy  for 
1,2 -Dich  loroethane 


Isomerizational 
energy  (kcal/mole) 

Method 

1.32 

Infrared,  gas 

1.03 

Infrared,  gas 

1.48 

Infrared,  dil.  sol. 

1.21 

Raman  and  dipole  moment 

1.40 

Gas  heat  capacity 

0 

Raman,  liquid 

rigid  dipole  may  induce  dipoles  in  a  closely  packed  medium  which,  in 
turn,  affect  the  original  dipole.  As  a  result,  the  potential  energy  of  a 
polar  molecule  (a  molecule  with  a  dipole  moment;  see  Sec.  6.2)  will 
change  v  hen  the  molecule  is  placed  in  a  liquid  medium  due  to  electro¬ 
static  interactions,  and  Onsager  has  established  that  the  energy  change 
can  be  estimated  by  the  equation 


E  = 


^ e 


O 


2e  +  1 


(S) 


vdiere  e  is  the  dielectric  constant  of  the  medium,  g  is  the  dipole  moment 
o  the  substance,  and  a  is  the  molecular  volume.  Since  the  trans 
isomer  of  1,2-dichloroethane  has  no  dipole  moment,  it  is  subject  to  no 
potential  energy  change  when  converted  from  a  gas  to  a  liquid  How- 

slble  in1 T  V  *  .T’  Consec*uently  becomes  more 

stable  m  the  liquid  than  m  the  gaseous  state.  Mizushima  et  al 

to  be  about  1  Skta“0n  0f  the  «““*•  Corner  relative  to  the  trans 
to  be  about  1  kcal.  This  is  very  satisfactory,  in  view  of  the  romrh 

eXP,“ori  d?*f (at  hand-.  F°r  illustration,  from  Raman  spectril 

18,  754  a  950™see'alSoZfoot“oateI13.KUratan!'  “d  M'  Katayama'  J.  Chem.  Phys., 

equation  proposed  by^K  Hioasi  iSci  Pa’,  H8/  Tp?’  ComPare  with  a  similar 
28,  284  <1936)1.  V‘  InSt  Phys •  Chem-  Research,  Tokoyo 
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measurements,  Gerding  and  Meerman,11  and  more  recently  Rank, 
Kagarise,  and  Axford,14  have  found  the  energy  difference  between  the 
trans  and  gauche  isomers  of  1,2-dichloroethane  in  the  liquid  state  to  be 
about  zero,  although  Mizushima  et  al.18  reported  a  small  but  definite 
value.  The  values  for  the  gaseous  state,  1.03-1.48  kcal,  are  therefore 
about  1  kcal  greater  than  the  value  for  the  liquid  state,  as  expected 
from  the  calculations  of  Mizushima  et  al.16 

The  energy  barriers  restricting  internal  rotations  within  a  number 
of  compounds  have  been  determined  by  one  or  more  of  the  experimen¬ 
tal  procedures,  and  some  results  are  listed  in  Table  5.3. 


Table  5.3 


Energy  Barriers  Restricting  Internal  Rotation 


Compound 

Barrier 
(kcal /mole) 

Compound 

Barrier 
(kcal /mole) 

CH3— CH3 

2.7 

ch3oh 

3.4 

CH3— CF318d 

3.4 

ch3sh 

1.5 

CH3SiF3 

1.2 

ch3nh2 

3.0 

ch3— ch2— ch3 

3.4 

c6h5ch=ch2 

2.2 

ch3— c==c— ch3 

0 

(CH3)<C 

4.3 

(CH3)2NH 

3.5 

(CH3)4Si18a 

1.3 

(CH3)20 

3.1 

CC13— CC13 

12.0 

(CH3)2S 

2.0 

Cl3Si — SiCl3 

~-0 

(CH3)2CO 

1.0 

CH2Br — CH2Br,8c 

1.4-1.77 

(CH3)2CHOH 

3.4 

CH3CH2OH18(> 

3.0  (for  CH3) 

1 .0  (for  OH) 

(CH3)  2Zn 

0 

(CH3)2Mg 

0 

Certain  qualitative  expectations  are  verified  by  the  data  in  Table 
5.3.  For  instance,  due  to  a  larger  central  atom,  which  increases  the 
distance  between  the  rotating  groups,  rotation  is  easier  in  tetra- 
methylsilane  than  in  tetramethylmethane,  and  easier  in  dimethyl 
sulfide  than  in  dimethyl  ether.  Also,  essentially  there  is  free  rotation 
in  the  molecules,  dimethylacetylene,  dimethyl  mercury,  dimethyl 
zinc,  and  hexachlorodisilane,  where  the  rotating  groups  are  remote 

from  one  another. 

.« s.  Mizushima,  Y.  Morino,  I.  Watanabe,  T.  Simanouti,  and  S.  Yamaguchi, 

J.  Chem.  Phys.,  17,  591  (1949).  (1949) 

i8°  Y.  Morino  and  M.  Iwasaki,  J.  Chem.  ^ 

is*  J.  O.  Halford,  J.  Chem.  Phys.,  18,  j n s 

i8c  j.  Bernstein,  J.  Chem.  Phys.,  18,  8.  /  (  )•  1097  (1950) 

H.  S.  Gutowsky  and  H.  B.  Levine,  J.  Chem.  Phys.,  18,  129,  (1960). 
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We  see  then  that  there  is  no  question  that  an  energy  barrier  must 
be  surmounted  for  most  internal  rotations.  Although  considerable 
evidence19  has  been  gathered  from  spectroscopic,  dipole  moment,  and 
thermodynamic  measurements,  the  exact  heights  of  the  barriers  are 
somewhat  controversial,  and  a  single  well-established  theory  to  account 
for  most  of  the  available  data  is  lacking.  For  instance,  in  addition  to 
electrostatic  and  van  der  Waals  forces,  hydrogen  bonding  too  can  be 
effective,  for  the  gauche  isomer  of  0-chloroethanol  appears  to  be  the 
more  stable  form.  This  can  be  attributed  to  a  stabilization  of  the 
gauche  form  from  hydrogen  bonding,  which  is  not  possible  in  the  trans 
isomer. 


5.3  Steric  hindrance 


Steric  hindrance  may  be  defined  as  the  spatial  interferences  between 
atoms  or  groups  due  to  van  der  Waals  and  electrostatic  repulsion,  and 
which  affect  the  physical  and  chemical  properties  of  molecules.  The 
concept  of  a  mechanical  obstruction  of  atoms  was  first  brought  forward 
by  Kehrmann,20  and  the  term  steric  hindrance  was  suggested  by  V. 
Meyer.21  It  might  be  anticipated  that  steric  effects  are  always  a 
factor  of  concern  in  a  molecular  chemical  reaction,  for  if  the  portions 
of  two  reacting  molecules  which  are  to  form  a  covalent  bond  are  pre¬ 
vented  from  approaching  one  another,  due  to  spatial  barriers,  reaction 
cannot  occur.  It  is  well  established  now  that  steric  hindrance  can 
affect  also  the  physical  properties  of  molecules,  such  as  acid  and  base 
strengths,  hydrogen  bond  strengths,22  isomerism,  absorption  spectra, 
dipole  moments,  and  magnetic  susceptibilities.  The  relationships 
between  steric  effects  and  some  of  these  properties  will  be  discussed  in 
later  chapters. 

5.3a.  Steric  hindrance  and  isomerism.  It  was  illustrated  in 
Sec.  5.2  that  van  der  Waals  and  electrostatic  repulsive  forces  may 
inhibit  rotation  about  single  bonds.  For  the  same  reason,  rotation 
of  the  phenyl  rings  about  the  1,1'  carbon-carbon  bond  of  biphenyl 
is  hindered  by  the  repulsion  of  atoms  or  groups  in  the  ortho  positions 


19  For  the  special  case  of  rotation  about  an  asymmetric  carbon  atom,  the  rota- 

activbvTTff^ tmn  energy  can  be  determined  by  making  measurements  of  optical 
activity  at  different  temperatures.  For  example,  H.  J  Bernstein  and  F  F 

aboutTthe  C  ‘Mf  iT’  8ft(19f 9“  ^  entgy“r  mrofatbn 
about  the  C2— C3  bond  in  D-sec-butanol  to  be  0.8  kcal/mole,  and  also  determined 

and  liidTpei^cent^ respectively.  *SOmerS  at  20°C  *°  >»  «■»  P«  cent,  42.3  per  cent, 

20  F.  Kehrmann,  Ber.,  21,  3315  (1888) 

21  V.  Meyer,  Ber.,  27,  510  (1894).  t 

W"  C*  Sears  and  L-  J-  Kitchen,  J.  Am.  Chem.  Soc.,  71,  4110  (1949). 
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of  the  nuclei.  The  repulsion  will  be  at  a  minimum  when  the  planes 
of  the  rings  are  perpendicular  to  each  other,  for  then  the  groups  or 
atoms  in  the  four  ortho  positions  are  at  the  maximum  distance  from 
each  other.  As  a  result  of  van  der  Waals  repulsion,  then,  the  two 
phenyl  nuclei  of  biphenyl  compounds  would  tend  to  form  an  angle  of 
90°  with  one  another.  However,  there  is  another  factor  to  be  con¬ 
sidered,  and  that  is  resonance.  It  would  be  too  large  a  divergence 
from  the  topic  at  hand  to  explain  the  principles  and  justifications  for 
the  following  statement,  so  it  will  have  to  be  accepted  as  a  fact  for  the 
present.  Among  the  forms  which  contribute  to  the  resonance  of 
biphenyl  are  several,  such  as 


The  structural  formula  simply  designates  the  usual  covalent  bonds  as 
indicated,  with  the  4  and  4'  carbon  atoms  forming  only  three  covalent 
bonds;  in  one  structure,  the  4  and  4'  carbon  atoms  possess  a  negative 
and  a  positive  charge,  respectively,  and  in  the  other  structure  their 
charges  are  just  reversed.  These  structures  contribute  to  the  reso¬ 
nance  stabilization  of  the  molecule,  but  for  their  contribution  to  be 
significant,  the  two  phenyl  rings  must  be  almost  coplanar.  Thus  a 
biphenyl  derivative  would  acquire  a  certain  stabilization  through 
resonance  if  its  phenyl  rings  were  coplanar,  and  at  the  same  time,  its 
stability  would  decrease  by  a  certain  amount  due  to  van  der  Waals 
repulsion  between  the  ortho  groups.  With  just  hydrogen  atoms  in  the 
ortho  positions,  the  resonance  effect  is  the  more  prominent,  and  conse¬ 
quently  biphenyl  is  a  planar  molecule.  Upon  substitution  foi  the 
ortho  hydrogen  atoms,  the  van  der  Waals  repulsion  will  be  inci  eased, 
and  if  the  substituents  are  sufficiently  large,  the  steric  repulsion  in  the 
planar  configuration  can  outweigh  the  resonance  stabilization  so  that 
one  phenyl  nucleus  will  be  forced  to  rotate  out  of  the  plane  of  the  othei . 

Consider  a  substituted  biphenyl  in  which  the  van  der  Waals 
repulsion  between  the  ortho  groups  of  one  ring  and  the  ortho  groups  of 
the  second  ring  forces  the  two  phenyl  rings  to  be  almost  perpendicu  ar 
to  one  another.  Also,  let  neither  ring  be  substituted  symmetrically, 
although  the  two  rings  may  be  alike,  as 


A 


B 
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The  large  repulsion  between  the  ortho  groups  prevents  the  groups 
from  approaching  one  another,  so  that  the  two  rings  are  restricted  to 
one  position;  that  is,  rotation  about  the  1,T  carbon-carbon  bond  does 
not  occur.  Since  the  relative  orientations  of  the  two  rings  are  fixed, 
it  is  possible  for  two  rotational  configurations  to  exist  which  are  mirror 
images.  This  is  illustrated  in  Fig.  5.2,  where  it  is  seen  easily  that  the 


Mirror 


Fig.  5.2.  Sketch  of  a  biphenyl  derivative  and  its  mirror  image  rotational  isomer. 


two  structures  are  mirror  images  and  not  superposable.  Therefore  the 
two  molecules  will  affect  polarized  light  in  equal  but  opposite  ways, 
and  since  there  is  not  an  element  of  symmetry  in  either  structure,  two 
optically  active  isomers  will  exist.  It  is  to  be  noticed  that  optical 
isomerism  here  is  the  result  of  steric  hindrance  between  the  ortho 
groups,  and  not  due  to  an  individual  asymmetric  carbon  atom.  It 
can  be  seen  also  that  if  either  ring  is  symmetrically  substituted,  the 
two  mirror  images  are  superposable  (Fig.  5.3),  and  stereoisomerism 


Mirror 


Fig.  5.3.  Sketch  of  a  biphenyl  derivative  and  its  superposable  mirror  image. 

will  not  be  observed.  The  plane  of  symmetry  would  coincide  with 
the  plane  of'  the  unsymmetrical  ring. 

Often  it  is  not  possible  to  isolate  the  optical  isomers  of  an  unsym- 
metrically  substituted  biphenyl  because  the  steric  hindrance  of  the 
ortho  groups  is  not  quite  sufficient  to  block  completely  the  rotation  of 
the  phenyl  rings.  A  reversible  rotation  takes  place  back  and  forth 
about  the  1,1'  carbon-carbon  bond  until  there  is  an  equal  number  of 
the  two  mirror  images.  In  general,  since  the  hydrogen  atom  has  such 
a  small  van  der  Waals  radius,  at  least  three  larger  atoms  must  be  sub- 
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stituted  in  the  ortho  positions  to  permit  resolution  of  the  optical  iso¬ 
mers.23  However,  it  is  possible  that  the  rate  of  this  racemization 
might  serve  as  a  measure  of  the  energy  barrier  to  rotation  of  the  phenyl 
rings.  The  kinetics  of  the  racemization  have  been  studied24  and 
found  to  obey  the  law  for  a  reversible  first-order  reaction.  The 
activation  energies  of  a  variety  of  optically  active  biphenyls  have  been 
found25  to  lie  in  the  range  18-25  kcal,  but  are  not  sufficiently  accurate 
to  be  utilized  for  a  quantitative  measure  of  the  relative  stabilities  of 
these  rotational  isomers. 

Another  tool  for  detecting  restricted  rotation  in  biphenyl  com¬ 
pounds  is  ultraviolet  spectroscopy.  The  basic  principles  of  using 
spectra  as  a  criterion  for  restricted  rotation  will  be  understood  better 
after  reading  the  section  on  ultraviolet  spectroscopy,  but  it  can  be 
said  here  that  those  biphenyl  derivatives  which  are  almost  planar  have 
spectra  similar  to  biphenyl,  whereas  the  derivatives  which  are  sterically 
hindered  from  being  planar  have  spectra  similar  to  an  appropri¬ 
ate  benzene  derivative.  The  two  classes  are  easily  differentiated 
spectroscopically. 

One  point  of  interest  in  the  study  of  the  isomerism  of  biphenyl 
derivatives  is  the  relative  effectiveness  of  groups  to  hinder  rotation 
of  the  phenyl  rings.  Adams  and  his  co-workers26  have  studied  the 
rate  of  racemization  of  several  series  of  substituted  biphenyls,  for 
instance  I,  where  X  is  a  given  substituent. 


NO.  X 


COOH  CHj 

I 


From  this  study  they  found  the  order  of  decreasing  ability  to  hinder 
rotation  of  the  phenyl  rings  to  be  X  =  S03H,  I  >  Br  >  CIi3  >  Cl 


23  One  exception  is  ^ J  _ 

AsMfi, 


QO" 


where  the  AsMe3  group  is  large  enough 


382. 


Intramolecular  forces 


105 


5.3]  - 

>  N02  >  COOH  >  OCH3,  NH2  >  F.  The  relative  positions  of 
SO3H  with  respect  to  I,  and  of  OCH3  with  respect  to  NH2,  weie  not 


determined. 

Several  other  types  of  compounds  are  known  to  exhibit  optical 
isomerism  due  to  steric  hindrance,  notably  substituted  styrenes  (II) 
and  amines  (III-V). 


Via  VIb  Vic  VId 

It  is  noteworthy  that  VI  has  a  meso  cis  (Vic),  a  meso  trans  (VId),  and 
two  optically  active  isomers  (Via  and  VIb).  The  same  thing  is  true 
for  V,  and  indeed  these  isomers  have  been  resolved  for  both  V  and 
VI.  The  older  of  effectiveness  of  groups  to  hinder  racemization 
for  a  series  of  compounds  of  type  II  is 


Cl  >  CH3  >  och3 

while  for  a  series  of  compounds  of  type  III,  it  is 

I  >  CH3  >  Br  >  OCH3  >  N02 

It  is  to  be  observed  that  the  relative  positions  of  some  of  the  groups 
(i.e„  compare  OCH,  with  N02,  CH,  with  Cl,  and  CH,  with  Br)  com¬ 
mon  to  all  three  series  are  not  the  same.  Adams  and  co-workers’* 

28  o'  ,Jacobs>  Reed>  an<!  E.  Pacovska,  J.  Am.  Chem.  Soc.  73  4505  (1Q51 1 
.  R-  Adams  et  al.,  J.  Am.  Chem.  Soc  61  2825  2828  ' +1  ,  * 

tion  of  these  orders  offeror!  r  1  i’  rlT  (1939)>  See  the  explana- 

tncce  oraers  onered  by  U  Baddeley  [Nature,  157,  694  (1946)]. 
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later  found  the  relative  rates  of  racemization  of  biphenyls  of  the 
general  structure  to  vary,  where  A,  B,  and  C  are  nitro,  carboxyl,  and 

A  C 


methyl  (or  methoxyl)  groups  interchangeably,  depending  upon  which 
of  the  three  substituents  has  position  C.  Therefore,  factors  other 
than  the  relative  sizes  of  the  groups  are  involved,  and  these  will  be 
discussed  presently. 

A  general  method  of  calculating  energies  of  steric  effects  was  sug¬ 
gested  by  T.  L.  Hill29  which  differs  from  earlier  attempts30  by  treating 
the  molecule  not  as  a  rigid  body  but  by  considering  the  bending  and 
stretching  of  valence  bonds.  Independently,  Mayer  and  Westheimer31 
proposed  the  same  method  and  applied  it  to  2,2'-dibromo-4,4'-dicar- 
boxybiphenyl  (VII). 


Br  H 


O 


// 

C 

\_ 


OH 


Westheimer32  has  subsequently  made  detailed  theoretical  analyses 
of  the  steric  interactions  in  this  and  other  compounds,  which  reveal 
the  relative  importance  of  the  various  factors  involved  in  the  restricted 
rotation  of  biphenyl  derivatives. 

Racemization  of  an  optically  active  derivative  of  biphenyl  involves 
passage  from  the  twisted  configuration  through  a  planar  configuration. 
This  planar  configuration  is  considered  to  be  the  activated  complex  for 
the  reaction,  and  the  energy  of  activation  then  is  the  energy  required 
to  produce  the  planar  form  from  the  noncoplanar  one.  Taking  Vll 
as  an  example,  in  the  planar  form  the  ortho  bromine  and  hydrogen 
atoms  are  crowded  together  to  a  distance  less  than  the  sum  of  their 
van  der  Waals  radii.  This  creates  a  large  steric  repulsion  between 
these  atoms,  which  is  relieved  by  several  bond  deformations,  particu- 


29  T.  L.  Hill,  J.  Chem.  Phys.,  14,  465  (1946).  } 

ao  I.  Dostrovsky,  E.  D.  Hughes,  and  C  K.  Ingold  J.  Chem.  Sac  173  (19  • 

“  F.  H.  Westheimer  and  J  E.  Mayer,  J  Ck£  E.  H. 

32  f.  H.  Westheimer,  J.  Chem.  Phys.,  15,  Z5Z  (i.i  t)> 

Westheimer,  J.  Am.  Chem.  Soc.,  72,  19  (1950). 
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larly  by  bending  back  the  carbon-bromine  bonds,  since  such  a  deflec¬ 
tion  increases  the  separation  of  the  ortho  hydrogen  and  bromine  atoms. 
In  fact,  Westheimer  assumed  the  following  deformations  are  made  to 
reduce  the  van  der  Waals  repulsion  (see  Fig.  5.4) :  (1)  stretching  of  the 
1,1'  carbon-carbon  bond;  (2)  deformation  of  the  angles  b  between  the 
l’l'  carbon-carbon  bond  and  ring  bond;  (3)  deformation  of  the  angles 
a,  between  the  ring  bond  and  the  C  H ortho  atoms,  (4)  sti etching  of  the 
C — H0r^0  bonds;  (5)  stretching  of  the  C— Br  bonds;  (6)  deformation 
of  the  angles  c  between  the  ring  and  C — Br  bonds;  and  (7)  the  deforma¬ 
tions  of  the  rings,  such  as  stretching  C — C  and  C — H  bonds,  bending 
the  C— C— C  and  C— C— H  bond  angles,  and  nonplanar  vibrations 
of  the  ring  atoms. 


Fig.  5.4.  Planar  model  of  a  rigid  molecule  of  2,2'-dibromo-4,4'-dicarboxydiphenyl. 

Energy  is  expended  in  bringing  about  any  of  these  deformations, 
but  they  diminish  the  van  der  Waals  repulsion  and  take  place  to 
just  that  extent  necessary  to  minimize  the  energy  of  the  planar  form 
of  VII.  If  E  is  the  energy  difference  between  the  twisted  and  coplanar 
forms  of  VII,  it  can  be  obtained  from 

E  =  +  V(qu  q2,  q3,  ■  •  •  ,  qn )  (1) 

i 

where  are  the  displacements  of  the  various  coordinates  of  the  mole¬ 
cule  (such  as  the  distance  of  the  1,1'  carbon-carbon  bond),  the  con¬ 
stants  a,  are  the  force  constants  for  these  displacements,  and  the  term 
v(Qh  ?2,  qz,  •  •  •  ,  qn)  represents  the  van  der  Waals  interactions  of 
the  ortho  hydrogen  and  bromine  atoms.  The  van  der  Waals  repulsion 
depends  upon  the  distance  between  the  nonbonded  ortho  hydrogen  and 
bromine  atoms,  and  is  thus  a  function  of  the  amount  of  the  displace¬ 
ments,  qt.  The  minimum  value  of  E  is  the  activation  energy.  W$st- 
heimer  used  literature  values  or  estimated  those  not  known,  for  the 
various  force  constants  ai}  and  approximated  a  van  der  Waals  potential 
function  for  use  in  expression  (1).  This  permitted  calculation  of  the 
energy  of  activation  for  VII  to  be  18  kcal/mole.  The  quantity  has  not 
been  determined  experimentally,  but  from  the  rate  of  racemization  the 
ree  eneigy  of  activation  has  been  found  to  be  19.5  kcal.33  The  energv 
33  N.  E.  Searle  and  R.  Adams,  J.  Am.  Chem.  Soc.,  56,  2112  (1934). 
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and  free  energy  of  racemization  of  other  optically  active  compounds 
are  known34  not  to  differ  by  more  than  a  few  kilocalories;  therefore  the 
energy  of  activation  of  the  case  in  point  can  be  expected  to  be  within  a 
few  kilocalories  of  19.5. 

From  Westheimer’s  calculation  it  is  found  that  the  energy  of 
activation  can  be  subdivided  as  follows:  the  van  der  Waals  repulsion 
accounts  for  6  kcal,  the  deflections  of  the  C— Br  bonds  for  7  kcal,  the 
deformations  of  the  benzene  rings  for  about  2.5  kcal,  and  the  remaining 
deformations  for  about  2.5  kcal.  He  estimated  the  minimum  energy 
required  to  form  the  planar  model  in  which  only  the  carbon-bromine 
bonds  can  bend,  the  molecule  otherwise  being  rigid,  to  be  26  kcal. 
Although  all  the  various  deformations  must  be  considered  in  determin¬ 
ing  the  energy  to  pass  from  the  twisted  through  the  planar  configur¬ 
ation,  the  bending  of  the  carbon-bromine  bonds  is  most  important. 
In  the  activated  complex,  the  carbon-bromine  bond  is  deflected  back 
about  12  degrees. 

Structural  modifications  in  biphenyl  derivatives  affect  the  valence 
bond  deformations  considered  above  and  thereby  increase  or  decrease 
the  activation  energy  of  racemization.  Two  such  factors  are  reso¬ 
nance,  which  may  change  the  length  and  force  constant  of  the  1,1' 
carbon-carbon  bond,  and  another  steric  effect,  which  hinders  bending 
the  carbon-o-substituent  bonds  backward.  For  illustration,  the  half- 
lives  in  absolute  alcohol  of  VIII  and  IX35  are  9.4  and  1905  minutes, 


respectively.  The  larger  half-life  of  IX  can  be  attributed  to  the 
m-nitro  group  repelling  the  deflection  of  the  methoxyl  group  out  of  the 
path  of  the  rotating  ortho  groups.  Westheimer  has  given  the  term 
“buttressing”  to  such  an  effect.  A  more  pronounced  buttressing 
effect  was  observed  by  Rieger  and  Westheimer32  with  compounds iX 
and  XI,  in  which  compound  X  was  observed  to  racemize  over  30,000 


34  w.  H.  Mills  and  R.  M.  Kelham,  J.  Chem.  Soc.,  2/4  (!937). 

33  R.  W.  Stoughton  and  R.  Adams,  J .  Am.  Chem  Soc  54,  4426  (1932),  S.  L. 
Chien  and  R.  Adams,  J.  Am.  Chem.  Soc.,  56,  1/8/  (1934). 
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times  as  fast  as  XI.  The  difference  between  the  activation  energies 
of  X  (21.6  kcal)  and  XI  (28.1  kcal),  called  the  buttressing  energy,  was 
found  to  be  about  7  kcal. 


Calvin36  has  offered  an  explanation  of  the  observation37  that 

Br 

H2N 

Br 
XII 


2,2'-dibromo-4,4'-diamino-diphenyl  (XII)  is  not  resolvable,  while 
2,2'-dibromo-4,4'-dicarboxydiphenyl,  VII,  is  resolvable.  He  attrib¬ 
uted  this  to  a  resonance  of  VII  among  forms  such  as  XIII,  whereas  a 


corresponding  configuration  is  not  likely  for  XII.  In  structure  XIII, 
the  1,1  carbon-carbon  bond  has  a  certain  double  bond  character 
which  makes  it  shorter  than  a  normal  single  carbon-carbon  bond 
This  both  increases  its  force  constant  and  diminishes  the  distance 
between  the  nonbonded  ortho  hydrogen  and  bromine  atoms  which 
markedly  increases  the  van  der  Waals  repulsions  and  necessitates  a 
arger  ang  e  of  deflection  of  the  carbon-bromine  bonds.  Calvin 
estimated  that  a  change  in  bond  length  of  a  few  hundredths  of  an 

atTcTom? M  ber*rnt  t0  Change  the  half‘life  of  racemization 

at  0  C  from  1  second  to  5  minutes;  i.e.,  it  would  make  the  difference 
between  a  reso  vable  compound  and  a  nonresolvable  compound  under 
ordinary  experimental  conditions. 

“  w  Chem  ’  *'  256  0839). 

•  ■  Hanford  and  R.  Adams,  J.  Am.  Chem.  Soc.,  57,  1592  (1935). 
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Due  to  a  similar  resonance,38  the  half-life  of  XIV  (115  minutes) 
was  found  to  be37  over  ten  times  as  long  as  that  of  VIII.  It  is  notice¬ 
able  that  the  resonance  effect  is  not  as  large  as  the  buttressing  effect 
here,  for  of  compounds  VIII,  IX,  and  XIV,  IX  has  a  much  longer 


XIV 


half-life. 

5.3b.  Intramolecular  strains.  Up  until  a  decade  ago,  there  was 
very  little  known  about  the  magnitude  of  steric  effects  in  chemical 
phenomena.  Moreover,  observations  that  were  not  clearly  under¬ 
stood  were  frequently  attributed  to  steric  interference  and  ortho 
effects.  In  order  to  determine  whether  steric  effects  really  are  signifi¬ 
cant  and  if  so,  to  get  quantitative  measures  of  their  magnitude,  H.  C. 
Brown  initiated  a  program  in  1940  to  investigate  this  problem.  He 
turned  his  attention  first  to  the  stability  of  Lewis-type  salts. 

Inasmuch  as  a  methyl  group  is  less  electronegative  than  a  hydrogen 
atom,  one  would  expect,  on  this  basis,  the  order  of  increasing  base 
strength  to  be  ammonia,  methyl,  dimethyl,  and  trimethylamine. 
However,  the  observed  order  in  aqueous  solution  is  ammonia,  tri¬ 
methylamine,  methylamine,  and  dimethylamine.  Brown40  suggested 
an  explanation  for  this  apparent  anomaly  which  is  more  consistent 
with  experimental  data  than  proposals39  based  on  other  factors.  His 

38  To  the  structures  of  all  three  compounds,  VIII,  IX,  and  XIV,  there  is  a 
contribution  to  the  resonance  hybrids  from  such  structures  as 


38  A.  J.  Trotman-Dickenson  has  recorded  the  earlier  viewpoints  J.  Chem.  Soc., 

129?o(H9C9)Brown,  M.  D.  Taylor,  M.  Gerstein  and  H.  Bartholomay,  J.  Arn^ Chm . 
Soc.,  66,  431,  435  (1944);  69,  1332  (1947);  also  H.  C.  Brown,  Science,  103, 

(1946). 
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idea  was  that  in  a  salt  of  an  amine,  R3N  :BR'3>  steric  hindrance  between 
the  R  and  R'  groups  and  steric  repulsion  between  the  R  groups  of  the 
amine  decrease  the  stability  of  the  salt  and  thereby  deciease  the  base 
strength  of  the  amine.  He  termed  the  steric  effects  between  the  base 
and  the  acid  at  the  interface,  face  or  frontal  strain,  and  that  between 
the  R  groups  of  the  amine,  back  strain.  The  former  is  abbreviated 
F-strain  and  the  latter,  B-strain. 

It  was  quite  simple  for  Brown  and  his  coworkers  to  illustrate  the 
manifestation  of  F-strain.  For  instance,  trimethylamine  is  a  stronger 
base  than  is  pyridine  when  the  reference  acid  is  one  of  small  volume, 
but  when  the  acid  becomes  one  of  sufficient  size,  F-strain  in  the  salt 
of  the  trimethylamine  is  sufficient  to  cause  inversion  of  relative  base 
strengths. 

(CH3)3N:  +  C5H5N:HCl-<=>  (CH3)3N:HC1  +  C5H5N: 

(CH3)3N :  +  C6H5N:BH3-^=r>  (CH3)3N:BH3  +  C5H5N: 

(CH3)3N :  +  C5H5N :BF3 (CH3)3N:BF3  +  CSH5N: 

but 

(CH3)3N:  +  C5H6N:B(CH3)3^=r-  (CH3)3N:B(CH3)3  +  C5H5N: 


Similarly,  lutidine  is  a  stronger  base  than  is  pyridine  when  the  refer¬ 
ence  acid  is  HC1,  but  towards  larger  acids,  such  as  BF3,  F-strain 
renders  lutidine  the  weaker  base. 


+  B(CH3)3 


No  reaction 


This  same  conclusion  about  the  steric  effect  is  reached  from  the 
quant, tatH-e  data  m  Tables  5.4  and  5.5.  It  is  seen  from  the  second 
and  third  columns  of  Table  5.4  that  an  alkyl  group  increases  the 
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Table  5.4 

Relative  Strengths  of  some  Pyridine  Bases 41 


[5.3 


Base 

Heat  of  reaction  (kcal /mole) 

pKa 

CH3SO3H 

BF3 

B(CH3)s 

Pyridine . 

5  17 

18  0 

25 

17.0 

17  6 

4-Picoline . 

6  02 

18.8 

25  5 

3-Picoline . 

5.68 

25  3 

17  6 

2-Picoline . 

5.97 

18  6 

23.3 

10 

2,6-Lutidine . 

6.58 

19.9 

17.5 

0 

2-<-Butylpyridine . 

5.76 

17.3 

14.8 

0 

basicity  of  the  nitrogen  toward  protonic  acids,  and  that  2-2-butyl- 
pyridine  is  a  slightly  weaker  base  than  is  2-picoline  because  of  the 
somewhat  increased  F-strain  in  the  butyl  derivative.  With  BF3,  the 
F-strain  in  the  picoline  salts  is  negligible,  but  becomes  evident  in  2,6- 
lutidine  and  has  a  magnitude  of  approximately  10  kcal  in  the  salt  of 
2-^-butylpyridine.  Finally  with  B(CH3)3,  the  F-strain  in  even  2-pico¬ 
line  amounts  to  about  7  kcal,  and  is  at  least  17  kcal  in  2,6-lutidine  and 
2-i-butylpyridine. 

The  effects  of  F-strain  are  observable  also  in  displacement  reac¬ 
tions.  If  the  transition  state  is  represented  as42 


then  as  the  steric  requirements  of  the  alkyl  group  R  become  larger, 
the  stability  of  the  activated  complex  should  decrease.  This  would 
increase  the  activation  energy  and  reduce  the  rate  of  reaction.  Thus 
it  is  seen  in  Table  5.5,  that  as  the  basicities  of  the  pyridine  bases 
decrease  towards  BF3,  the  energies  of  activation  for  quarternary  salt 

formation  increase. 

+  CH3I 
R 

4i  Presented  at  the  Howard  University  Chemistry  Lecture  Series,  Washington 

D‘  S-^LtrDewau^c^omc  Theory  of  Organic  Chemistry,  The  Clarendon  Press, 
Oxford,  1950,  p.  62. 
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Table  5.5 


Energy  Relationships  for  some  Py  ridine  Bases 41 


Heat  of  reaction 

Activation 

energy  (kcal) 

rc6h4n 

(kcal) 

of  RCbH4N  plus 

R 

RC5H4N  +  bf3 

CH3I 

CH3CH2I 

(CH3)2CHI 

H  . 

.  25.0 

13.9 

16.0 

17.7 

3-CH3 . 

.  25.3 

13.6 

15.5 

17.4 

4-CHs . 

.  25.5 

13.6 

15.7 

17.3 

2-CH3 . 

.  23.3 

14.0 

16.5 

19.2 

2-CH3CH2 . 

.  22.7 

14.2 

16.6 

2-(CH3)2CH . 

.  21.7 

14.8 

17.1 

2-(CH,),C . 

.  14.8 

17.5 

It  is  noteworthy  also  that  the  activation  energies  increase  for  a  given 
base  as  the  sizes  of  the  alkyl  iodides  increase. 

It  becomes  evident  that  these  effects  must  arise  from  steric  rather 
than  polar  effects,  because  (1)  in  a  salt  Me3N  :BMe3  replacement  of 
methyl  groups  on  either  nitrogen  or  boron  by  larger  groups  uniformally 
leads  to  a  decrease  in  the  stability  of  the  salts. 


Me3N  :BMe3  >  R3N  :BMe3  R  =  Et,  i-Pr,  f-Bu 
Me3N:BMe3  >  Me3N:BR3 


If  the  effect  were  polar,  a  group  that  increases  the  basicity  of  the 
amine  should  decrease  the  acidity  of  the  boron  acid.  (2)  The  neu¬ 
trality  of  2,6-lutidine  toward  boron  trimethyl  is  due  to  F-strain  out¬ 
weighing  the  base-strengthening  electrical  effect  of  the  methyl  groups, 
since  mesitonitrile,  in  which  there  is  no  steric  hindrance,  is  a  slightly 
stronger  base  than  is  benzonitrile  towards  BF3.43 


Reference 
acid  =  BF3 


Reference 
acid  =BMe3 


43  H.  C.  Brown  and  R.  B.  Johannesen,  J.  Am.  Chem.  Soc.,  72,  2934  (1950). 
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The  demonstration  of  the  existence  of  F-strain  emphasizes  the 
importance  of  considering  the  reference  acid  when  comparing  the 
base  strength  of  two  or  more  bases,  as  was  pointed  out  by  Lewis,  and 
later  by  Brown.  Toward  a  proton,  the  order  of  decreasing  base 
strength  of  methylamines,  or  ethylamines,  is  secondary,  primary, 
tertiary,  and  ammonia.  If  the  reference  acid  is  changed,  F-strain  may 
increase  to  make  the  secondary  amine  weaker  than  the  primary  amine. 


fcO 

G 

o 

Sh 


<D 

in 

c3 

X 


c3 

'S 

Pi 


nh3  rnh2 


r2nh 


r3n 


Fig.  5.5.  Six  possible  sequences  of  the  relative  base  strengths  of  ammonia  and 
aliphatic  amines  against  various  reference  acids. 

Finally,  with  increasing  F-strain,  the  order  of  decreasing  base  strength 
can  reach  the  sequence,  ammonia,  primary  amine,  secondary  amine, 
and  tertiary  amine.  In  an  extensive  study  of  the  relative  base 
strengths  of  aliphatic  amines  towards  various  acids,  Brown  and  his 
co-workers40  observed  several  possible  sequences,  which  are  illustrated 
by  curves  in  Fig.  5.5.  Curve  A  is  the  order  anticipated  on  the  basis 
of  polar  effects  only,  that  is,  NHa  <  RNH,  <  R,NH  <  R«N.  Curve 
B  is  the  order  found  with  protonic  acids.  Curve  C  illustrates  the 
result  when  F-strain  in  the  salt  has  caused  the  basicity  of  the  teitiary 
amine  to  drop  below  that  of  ammonia,  giving  the  order  RaN  <  N  Ha  < 
RNH2  <  RaNH.  Curves  D,  E,  and  F  represent  sequences  in  which 
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the  strain  is  increasing  until  finally  all  the  amines  become  weaker  than 
ammonia.  In  the  experimental  studies  of  Brown’s  group,  all  but  the 
sequences  of  A  and  C  were  observed  for  some  simple  amines,  and  the 
specific  examples  are  listed  in  Table  5.6. 


Table  5.6 

Relative  Base  Strengths  of  Amines,  R3N 

( Classified  According  to  the  Curves  in  Figure  5.540) 


Reference  acid 


R  IN  AMINE 

H+ 

B(Me)3 

B(Et), 

B(f-Pr)3 

B((-Bu)3 

Methyl . 

B 

B 

D 

D 

E 

Ethyl . 

B 

D 

E 

E 

F 

Isopropyl . 

B 

E 

E 

F 

F 

(er(-Butyl . 

F 

F 

F 

F 

B-strain.  Brown  introduced  the  idea  of  B-strain  to  explain  the 
anomalous  weakness  of  tertiary  amines  even  toward  protonic  acids 
where  the  B-strain  should  be  quite  small.  He  assumed  that  the 
c  bond  angle44  in  trimethylamine  is  greater  than  the  normal 
tetrahedral  angle  of  109.5°,  and  that  when  a  fourth  group  is  added,  it 
forces  the  nitrogen  atom  toward  a  tetrahedral  configuration  to  reduce 
the  normal  bond  angles.  The  methyl  groups  would  therefore  be 
crowded  together,  creating  a  strain  that  would  reduce  the  stability 
of  the  addition  compound.  The  essential  idea  is  that  there  may  be 
B-stram  in  the  base  as  well  as  the  salt,  but  greater  strain  in  the  salt 
reduces  its  stability  and  effectively  decreases  the  base  strength  of  the 


K3N:  +  A 

(Z?-8train) 


R3N:A 

(greater 

B-strain) 


Itshould  he  noted  that  if  the  addition  of  the  acid  does  not  alter  the 

T  ang*e5  0,1  ly  /?_stram  has  been  introduced  and  no  B-strain 

that  t°heh  *  TT?1’  Br°Wn  0fferS  the  additional  observation 

that  the  base  strength  of  the  methylphosphines  towards  protonic  acids 

B  and“:  ^  "  tHat  Whi°h  W°U,d  be  eX-ted  “  ** 


PH,  <  CH.PH,  <  (CH,),PH  <  (CH,),P 

lh*  ™ 

The  angle  has  been  found  to  bp  mo°  ,  oo  u  , 

to  be  109  +  2  by  electron  diffraction  studies.  - 
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The  occurrence  of  B-strain  manifests  itself  also  in  the  reactivity 
of  compounds  where  the  transition  state  affords  a  decrease  in  strain. 
For  example,  Brown  and  his  co-workers  found  the  rates  of  hydrolysis 
of  £er£-alkyl  chlorides  to  increase  with  increasing  bulkiness  of  the  alkyl 
groups. 

R3CC1  -»  R3C+  +  Cl-  R3COH  +  HC1 

(large  B-  (planar; 
strain)  small  B- 
strain) 

B-strain  in  the  f-alkyl  halide  is  relieved  when  the  transient  planar 
carbonium  ion  is  formed;  hence  the  greater  the  B-strain  in  the  alkyl 
halide,  the  greater  is  the  driving  force  to  produce  the  transition  state. 
Of  course,  the  greater  the  chance  of  obtaining  the  carbonium  ion,  the 
faster  is  the  rate  of  hydrolysis.  This  explains  the  increasing  rate  of 
hydrolysis  of  the  £-alkyl  halides  listed  in  Table  5.7. 

Table  5.7 

Relative  Rates  of  Hydrolysis  of  some  t-Alkyl  Halides 41 


H2O 


R1R2R3CCI - >R1R2R3COH 


Ri 

r2 

Ra 

Me 

Me 

Me 

Me 

Et 

Et 

Et 

Et 

Et 

Me 

i-Pr 

i-Pr 

Me 

Me 

neo-C 

Et 

Et 

t-  Bu 

Relative  rate 


1 

2.6 

3.0 

13.6 

22.4 

48.5 


The  carbonium  ions  above  can  also  eliminate  a  proton  to  produce  an 
olefin. 


CH3  CHj 

\ 

C+  -* 

/  \  / 

HSC  CH3  CH: 


"C  =  CH2  +  H+ 


Hence  the  B- strain  that  would  again  exist  in  the  carbmol  us  avoided 
by  olefin  formation.  Consequently,  the  greater  the  bulkmess  of  the 
alkyl  groups,  the  greater  should  be  the  proportion  of  olefin  in  the 
hydrolysis  product  of  (-alkyl  halides.  This  is  observed  to  be  the  case 

according  to  the  data  in  Table  5.8. 
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Table  5.8  - 

Percentages  of  Olefin  in  the  Hydrolysis  Products  of  t-Alkyl  Halides' 11 

Carbonium  ion  Per  cent  olefin 


(1)  Me3C+  16 

(2)  Z-BuMe2C+  61 

(3)  Et3C+  40 

(4)  <-BuEt2C+  90 

(5)  MeCH2Me2C+  34 

(6)  <-BuCH2Me2C+  65 


Differences  between  (1)  and  (2),  (3)  and  (4),  and  (5)  and  (6)  along 
with  the  data  in  Table  5.7  substantiate  the  concept  that  5-strain  not 
only  increases  the  rate  of  hydrolysis  of  £-alkyi  halides  but  also  facilitates 
olefin  formation. 

R.  Spitzer  and  K.  S.  Pitzer45  have  challenged  Brown’s  adoption  of 
5-strain  to  account  for  the  base  weakness  of  trimethylamine.  They 
calculated  the  energy  required  to  deform  the  C — N — C  bond  angles  of 
trimethylamine  from  the  extreme  angle  of  112°  to  the  tetrahedral 
angle,  including  the  energy  to  compress  the  methyl  groups  against  van 
der  Waals  and  electrostatic  repulsion.  A  total  value  of  0.5  kcal  was 
obtained.  In  contrast  to  this,  the  total  strain  in  (CH3)3N:B(CH3)3 
is  estimated  from  heats  of  dissociation  to  be  3—8  kcal.  Spitzer  and 
Pitzer  concluded  therefore  that  the  magnitude  of  the  5-strain  in 
trimethylamine  is  far  too  small  to  account  for  its  anomalous  weakness, 
and  that  the  anomaly  is  probably  due  to  F-strain.  They  do  not  deny 

however,  the  existence  of  5-strain  in  amines  containing  larger  alk}d 
groups. 


The  5-stram  from  two  i-butyl  groups  of  di-Z-butylamine  should  be 
severalfold  greater  than  that  between  the  three  methyl  groups  of 
trimethylamine.  Brown4”  estimated  the  5-strain  in  the  unstable 
di-(-butylamine-di-<-butyl  ether  to  be  5-7  kcal,  so  that  the  small 
value  found  by  Spitzer  and  Pitzer  for  a  trimethylamine  salt  does  not 
seem  strange.  Furthermore,  the  C-N-C  bond  angles  of  trimethyl- 
amme  are  found  by  electron  diffraction  to  be  109°  +  2°  so  that  salt 
formation  causes  only  a  small  decrease  in  bond  angles  It  would 

strength  ofnl.  that..B'Strain  alone  can  “t  a“ount  for  the  small  base 

could  not  be  r  /  "?”6'  a  H°WeVer’  there  are  two  f“tors  that 
could  not  be  considered  in  Spitzer  and  Pitzer’s  calculations  in¬ 
formation  is  accompanied  by  a  decrease  in  electron  density  at  the 

ETC"."'  ~ "  •* 

45  r{  q  •.  /  ■  decrease  the  carbon-nitrogen  distances, 

pi  zer  an  .  S.  Pitzer,  J.  Am.  Chem.  Soc.,  70,  1261  (1948). 
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and  (2)  increase  the  positive  electrostatic  charges  about  the  methyl 
groups.  Both  effects  will  markedly  increase  5-strain,  and  it  may  be 
that  5-strain  in  the  salt  is  actually  greater  than  was  estimated  by 
Spitzer  and  Pitzer. 

In  any  event,  the  concept  of  F-  and  5-strain  is  a  valuable  con¬ 
tribution  to  chemistry  that  Brown  and  his  co-workers  have  made.  In 
particular,  their  work  has  shown  that  steric  effects  may  facilitate  as 
well  as  hinder  chemical  reactions,  and  that  quantitative  measures  of 
steric  effects  may  be  obtained.  For  instance,  the  heat  of  reaction  of 
4-picoline  with  borontrimethyl  is  17  kcal,  so  that  the  failure  of 
2,6-lutidine  and  2-f-butylpyridine  to  react  with  borontrimethyl  reveals 
that  a  steric  hindrance  of  at  least  17  kcal  must  be  overcome  to  form 
the  salts. 

5.3c.  Steric  hindrance  and  hydrogen  bonding.  Apparently 
when  chelation  occurs  as  a  result  of  intramolecular  hydrogen  bonding, 
the  chelate  ring  must  exist  in  a  planar  configuration.  This  is  made 
evident  from  some  studies  of  Chaplin  and  Hunter,46  who  studied  the 
association  of  substituted  o-nitroanilides  in  solution.  Since  chelation 
ties  up  the  N — H  group  in  o-nitroacetanilide,  for  example,  the  N  H 
group  is  not  available  for  association  with  amide  groups  of  other 
molecules,  and  consequently  o-nitroacetanilide  exists  primarily  in  the 
monomeric  state  in  solution. 


COCHs 


Now  when  a  substituent  such  as  a  methyl  group  is  placed  ortho  to 
the  nitro  or  amide  group,  the  substituent  will  prevent  the  nitro  or 
amide  group  from  being  coplanar  with  the  benzene  nucleus.  As  a 
result,  chelation  is  apparently  dampened,  for  such  compounds  are 
found  to  be  largely  associated.  When  the  substituent  is  mein  or  para 
to  the  nitro  or  amide  group,  there  is  no  steric  interference  with  the 
coplanarity  of  these  groups,  and  accordingly  the  compounds  aie 
primarily  in  a  chelated  condition.  Chaplin  and  Hunter  used  cryo- 
Lpic  and  wet-melting  point  depression  techniques  to  determine 
which  compounds  are  essentially  chelated  and  which  are  vntua  y 
associated,  and  some  of  their  results  are  listed  m  Table  5  9. 

<*  H.  O.  Chaplin  and  L.  Hunter,  J.  Ckem.  Soc.,  375,  1034  (1938). 


5.3] 


Intramolecular  forces 


119 


Table  5.9 

Wet-melting  Point  Depressions  of  Some  Chelated  or  Associated  Compounds 


46 


Chelated 

Associated 

Substance 

Depression 
of  mp 

Substance 

Depression 
of  nip 

NHAc 

^  \ — NHAc 

10° 

Q 

35° 

NO* 

NO* 

nhcoc6h5 

8° 

°sN_^yNHAc 

51° 

NO* 

0*N — ^  V— NHAc 

11° 

°*n  v3~nhcoC6Hs 

29° 

M 

NO* 

NO* 

^J^NHAc 

13-14° 

NHAc 

^\-NO* 

NO* 

30-31° 

ch3 

^  y — NHAc 

M 

NO* 

37° 

NHAc 

06 

NO* 

NHAc 

/ 

46° 

Br~ fV-NO* 

Br 

28-29° 

.  -  ALU  tn^MicAL  properties.  Many  instances 

where  stenc  effects  have  affected  the  chemical  properties  of  a  molecule 
are  recorded  in  the  literature.  A  discussion  of  these  is  beyond  the 
scope  of  this  book,  but  the  temptation  to  mention  one  or  two  general 
reactions  which  are  influenced  by  steric  effects  cannot  be  resisted 

^eerificatio1rStFaCtl0nS  ^  ^  ^  effeCtS  Were  inves‘igated  was 
sterification  For  example,  alcohols  (XV)  and  acids”  (XVI  and 

H.  Goldschmidt^* "/ter.,  28,  32i8L'(lL895V  M  (,18"):  4308 

4783  (1950).  [  b)’  S-  Newman,  J.  Am.  Chem.  Soc.,  72, 
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RsCOH 


XV 


RsCCOOH 


XVI 


R 


XVII)  which  are  highly  substituted  about  their  reaction  centers, 
are  esterified  very  slowly,  if  at  all,  under  the  usual  conditions  of  ester¬ 
ification.  M.  S.  Newman48  has  reported  that  hindered  acids,49  such  as 
mesitylenecarboxylic  acid,  react  readily  with  alcohols  in  100  per  cent 
sulfuric  acid  even  at  low  temperatures.  He  attributes  this  differ¬ 
ence  in  behavior  to  a  difference  in  reaction  mechanisms.  The  unhin¬ 
dered  acid  forms  a  planar  carbonium  ion  intermediate,  XVIII,  by 
addition  of  a  proton  to  the  carbonyl-oxygen  atom.  Due  to  steric 
hindrance,  a  hindered  acid  has  difficulty  in  forming  such  an  ion,  and  as 
a  result  is  esterified  only  slowly,  or  not  at  all, 


OH 


R— C 

\+ 

OH 

XVIII 


R— C  =  0 

XIX 


with  alcohol  and  hydrogen  chloride.  On  the  other  hand,  car¬ 
bonium  ion  XIX,  which  offers  Jess  steric  hindrance  to  an  approaching 
alcohol  molecule,  can  be  formed  only  in  a  highly  acid  medium;  hence 
concentrated  sulfuric  acid  is  required  for  esterification  of  hindered 
acids. 

A  second  type  of  reaction  which  is  greatly  influenced  by  a  steric 
factor  is  the  addition  of  substances  to  multiple  bonds.  For  instance, 
styrene  is  known  to  polymerize  very  readily,  but  so  far  investigators50 
have  failed  to  polymerize  trinitro-,  trifluoromethyl-,  and  trimethyl¬ 
styrene.  Two  sequences  that  seem  to  illustrate  increasing  steiic 
effects  are  found  in  the  addition  of  typical  addends  to  carbonyl  com¬ 
pounds  (1)  and  tetraarylethylenes  (2). 51 

48  M  S  Newman,  Record  Chem.  Progress,  Spring  issue,  1,  (1948). 

..  Steric  hindrance  apparently  may  affect  also  the  .onmrt.on  constants  of 
carboxylic  acids  [H.  L.  Loehte  and  P.  Brown,  J  Am.  Chem.  Soc .  72 ,  4297  (195CB1. 

"T.  Alfrey,  Jr  and  W  H  Ebelke 1533 abJF E ^  T  McBef  and 

Buck  et  ah,  Natur, 

162’..  The'author  is  indebted  to  Mr.  Naoya  Nakagawa  of  Tokyo  University  for 
calling  this  sequence  to  his  attention. 


5.3] 


Intramolecular  forces 


121 


1.  The  order  of  decreasing  tendency  of  carbonyl  compounds  to  add 
sodium  bisulfite,  HCN,  Grignards,  etc.  is  in  general  H2CO  >  RCHO  > 
RCOCH3  >  R2CHCOCH3  >  R3C — COCH3  >  R3C — COCR3.  That 
is,  with  increasing  van  der  Waals  radii  of  the  a  groups,  the  hardei  it 
is  to  get  addition  to  take  place.  Thus  only  aldehydes  and  methyl 
ketones  form  insoluble  sodium  bisulfite  addition  compounds,  and 
although  ketones  usually  add  Grignard  reagents  readily,  di-isopropyl 
ketone  fails  to  add  isopropyl  magnesium  chloride. 

2.  Tetraphenylethylene  (XX)  adds  hydrogen  catalytically  and 
chlorine  slowly,  but  does  not  add  bromine  ;52  tetra-a-naphthylethylene 
(XXI)  adds  hydrogen,  but  not  chlorine  or  bromine;54  finally,  tetra-9- 
phenanthrylethylene  (XXII)  apparently  does  not  add  hydrogen  even.53 
Pauling  and  Sherman54  have  attributed  this  latter  sequence  to  reso- 


(C6H5)2C=C(C6H5)4 

XX 


nance,  but  an  explanation  on  the  basis  of  steric  hindrance  seems  to  be 
straightforward  to  the  present  author.  The  answer  can  be  found 
possibly  by  studying  the  addition  of  these  reagents  to  a  compound 
such  as  di(p-mtrophenyl)-db(p-aminophenyl)-ethylene  (XXIII). 

(02NC6H4)2O=C(C6H4NH2)2 

XXIII 


52  W.  H.  Zartman  and  H.  Adkins,  J.  Am.  Chem.  Soc  54  1668  TT 

Finkelstein,  Ber.,  43,  1533  (1910).  ’  1008  UyoJ),  H. 

"F-  pne,r?;mann  ,anTd|-  Israelashwile,  J.  Am.  Chem.  Soc.,  67,  1951  (1945) 
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Induction  and  Electric 
Dip  ole  Moments 


6.1  Chain  induction 

In  a  neutral  covalent  molecule  such  as  that  of  chloroethane, 

H  H 

H  :  C  :  C  :C1 

H  H 


the  greater  electronegativity  of  chlorine  over  that  of  carbon  attracts 
the  shared  pair  of  electrons  away  from  the  midway  position  between 
the  two  atoms.  This  increases  the  electron  density  about  the  chlorine 
atom  to  give  it  a  partial  negative  charge,  and  decreases  the  electron 
density  about  the  carbon  atom  to  give  it  a  partial  positive  charge. 
The  decrease  in  electron  density  about  the  carbon  atom  causes  it  to 
have  an  increased  affinity  for  electrons,  and  consequently  it  has  a 
greater  attraction  for  electrons  (electronegativity)  than  the  beta  carbon 
atom.  This  brings  about  a  small  migration  of  the  electrons  m  the 

C _ C  bond  toward  the  alpha  carbon  atom,  which,  in  turn,  decreases 

the  electron  density  about  the  beta  carbon  atom  to  produce  there  a 
fractional  positive  charge.  This  same  situation  can  be  described,  m 
short  by  saying  that  the  chlorine  atom  induces  a  positive  charge  on 
the  alpha  carbon  atom,  which  in  turn  induces  a  smaller  positive  charge 
on  the  beta  carbon  atom.  In  this  way  Lewis  first  explained  the  aci 
strengths  of  the  chloroacetic  acids. 

H  0 


Cl^-C 


OH 


H 
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In  chloroacetic  acid,  the  chlorine  atom  induces  a  positive  charge 
on  the  alpha  carbon  atom,  and  in  turn,  progressively  smaller  positive 
charges  are  induced  on  the  carboxyl-carbon  atom  and  the  hydroxyl- 
oxygen  atom.  The  hydroxyl-oxygen  atom  of  chloroacetic  acid  is 
therefore  more  positive  than  that  of  the  unsubstituted  acetic  acid,  and 
thus  facilitates  dissociation  of  the  proton.  As  a  result,  chloroacetic 
acid  is  a  stronger  acid  than  is  acetic  acid.  Moreover,  the  more  chlorine 
atoms  there  are  on  the  alpha  carbon  atom,  the  greater  will  be  the 
induced  positive  charge  there,  and  consequently  the  greater  will  be 
the  positive  charge  on  the  hydroxyl-oxygen  atom.  Accordingly, 
dichloroacetic  acid  should  be  stronger  than  monochloroacetic  acid,  and 
the  trichloro  acid  should  be  still  stronger.  Indeed,  this  is  actually 
so,  with  trichloroacetic  acid  a  strong  acid.  The  same  sequence  is 
found  for  the  fluoroacetic  acids  (Table  6.1).  In  this  connection,  it  is 


Table  6.1 


Dissociation  Constants  (XlO3)  of  Some  Halogenoacetic  Acids2 


X 

XCH2COOH 

X2CHCOOH 

X3CCOOH 

Cl 

1.397 

50 

130 

F 

2.2 

57 

500 

noteworthy  that  perfluoro  fatty  acids  are  strong  enough  to  form  stable 
salts  with  ethers,  some  of  which  are  only  slightly  soluble  in  water  and 
resist  hydrolysis  even  at  100°C,  although  they  may  be  hydrolyzed 
rapidly  m  dilute  alkali.1 

.  transmission  of  induced  charges  along  a  chain  of  bonded  atoms 

is  called  induction ,  or  to  be  more  specific,  chain  induction.  The  effect 
ecreases  rapidly  with  distance,  as  shown  by  the  order  of  decreasing 
acid  strengths  of  a-,  /?-,  and  7-chlorobutyric  acids,3  where  the  chlorine 
atom  is  progressively  moved  away  from  the  carboxyl  group 


CH3CH2CHC1C00H 

ch3chcich2cooh 

ch2cich2ch2cooh 


105Aa 

139 

8.9 

3 


1  M.  Hauptschein  and  A  V  Grossp  T  A™  m.  c, 

'  A.  L.  Henne  and  C.  J  F»iJ  Z’/i  Soc-’  73,  5139  (1951). 

*  R  Robinson,  y.  Cket  s“.fi289  (1^  ^  ?3’2323  (1951>' 


124 


Induction:  electric  dipole  moments 


[6.2 


H.  Eyring4  has  estimated  that  the  induced  charge  is  reduced  by  about 
67  per  cent  across  each  C — C  bond,  but  only  by  about  10  per  cent 
across  a  C=C  bond.  The  greater  transmissiveness  of  the  double 
bond  is  due  to  the  greater  polarizability  of  the  t  electrons  of  the  bond. 
Additional  evidence  for  the  decreasing  effect  of  induction  with  dis¬ 
tance  is  found  in  Table  6.2,  where  it  can  be  seen  that  the  acid  strengths 
of  carboxylic  acids  are  diminished  as  the  strong  electronegative  group 
is  removed  from  the  carboxyl  group. 


Table  6.2 


Dissociation  Constants  (XlO5)  of  Some  Carboxylic  Acids 2  5 


X 

XCH2COOH 

X(CH2)2COOH 

X(CH2)3COOH 

H 

1.75 

1.34 

1.50 

I 

71 

9.0 

2.3 

CFS 

100 

7 

Br 

138 

9.8 

2.6 

Cl 

139.7 

10.1 

3.0 

COOH 

149 

6.4 

4.5 

F 

213 

CN 

342 

_ 

10.2 

3.7 

. 

6.2  Bond  dipoles 

In  the  molecule  of  chloroethane,  as  a  result  of  the  partial  negative 
charge  on  the  chlorine  atom  and  the  fractional  positive  charge  on  the 
alpha  carbon  atom  arising  from  differences  in  electronegativity,  there 
is  a  dipole  associated  with  the  C-Cl  bond.  This  causes  chloroethane, 
unlike  ethane,  to  have  a  dipole  moment.  Even  the  fact  that  sym 
metrical  molecules  do  not  have  electric  dipole  moments  while  asym¬ 
metrical  molecules  do,  suggests  that  the  moments  are  directed  along 
the  bonds  of  the  molecules.  For  example,  the  symmetrical  molecules 
II  Cl  CCL  BClj  (planar),  and  PCU  (trigonal  bipyramidal)  are 

molecules  HC1,  HCCU,  CHaCl,  NHa  (pyramidal),  H20,  and  FO 
(pyramidal)  do  have  dipole  moments. 

4  H.  Eyring,  in  a  report  given  before  the  pkyslcal  and  j)erick  [ J .  Am. 

C^wmsroc.ai3^^62a\l911^^hadnearUerC1reported  the  same 'factor  for  carbon- 
carbon  single  bonds.^  r  ^  ^  So,_  513  (1943). 
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6.3  Permanent  and  induced  dipole  moments 

When  a  more  or  less  rigid  body  contains  positive  and  negative 


charges,  so  that  points  A  and  B  are  the  centers  of  negative  and  positive 
charge,  respectively,  it  behaves  in  an  electric  field  like  a  body  with  a 
single  negative  pole  at  A  and  a  single  positive  pole  at  B.  It  would 
tend  to  rotate  clockwise  as  shown  above  until  the  line  joining  points 
A  and  B  lies  parallel  to  the  field.  The  product  of  the  distance  d 
between  the  two  points  A  and  B,  and  the  resultant  negative  charge  e 
at  A  gives  the  magnitude  m  of  the  dipole. 


m  =  de 


Since  the  distance  for  molecules  will  be  in  units  of  10-8  cm,  and  the 
chaige  of  an  electron  is  of  the  order  of  10~10  esu,  dipole  moments  will 
have  an  order  of  magnitude  of  10-18  esu,  and  this  unit  is  called  a  debye. 
Thus  dipole  moments  are  given  in  debyes.  The  situation  described 
above  is  for  a  neutral  body.  It  is  seen  that  the  moment  arises  not 
from  the  net  charge  but  from  the  separation  of  charge.  Thus  if 
points  A  and  B  coincide,  there  is  no  moment. 


A  bond  dipole  in  an  asymmetrical  molecule  will  give  to  the  molecule 
a  permanent  dipole,  equal  to  the  product  of  the  negative  charge  (which 
equals  the  positive  charge  with  a  change  of  sign)  and  the  distance 
between  the  two  centers  of  charge.  When  a  molecule,  polar  or  non- 
poar  is  placed  in  an  electric  field,  the  electrons  are  attracted  away 
rom  their  normal  positions  by  the  external  positive  pole,6  and  thus  a 
lpole  is  set  up  within  the  molecule,  called  an  induced  dipole  The 

“and  !he6  °I  the  !"rUCed  diP°le’  ^  depends  upon  the  field  strength 
d  the  polarizability  a,  i.e.,  the  displaceability  of  the  electric  centers 

ditftTe"V0f  the  <*»ters  (nuclei), 

polarization  in  a  rapidly  oscillating  fie,d  £  small  enough  tobenegfecW  he^0 
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by  the  external  electric  field.  The  induced  dipole  moment  will  last 
only  as  long  as  the  external  field  is  present. 

When  molecules  with  permanent  dipole  moment  p  and  polariza¬ 
bility  «  are  placed  in  an  electric  field,  they  will  tend  to  rotate  to  align 
their  permanent  dipoles  with  the  field,  and  also,  their  electrons  will  be 
displaced  towards  the  positive  pole.  Then  the  total  molar  polarization 
of  the  medium  due  to  the  presence  of  the  molecules  will  be  that  induced 
by  the  field  plus  that  from  the  alignment  of  the  permanent  dipoles. 

P  P  induced  +  P  permanent  Pa  +P„ 


From  classical  theory,  it  is  found  that  the  total  polarization  can  be  , 
expressed  by  eq.  (1),  where  N  is  Avogadro’s  number,  k  is  Boltzmann’s 
constant,  and  T  is  the  absolute  temperature. 


47 rN  4  irN  p2 

“T“  a  +  ~3~  '  3 kT 


(1) 


From  this  equation,  it  is  seen  that  Pa  is  independent  of  the  temperature, 
whereas  P M  varies  inversely  with  the  temperature.  Polarization  from 
the  permanent  dipole  moment  decreases  with  increasing  temperature, 
because  with  increasing  temperature,  the  molecules  possess  more 
kinetic  energy  and  offer  greater  resistance  to  alignment  with  the 
external  field. 

Experimental  determination  of  a  and  p  is  made  by  measurements 
of  dielectric  constants.7  The  dielectric  constant  is  simply  the  ratio 
of  the  capacitance  of  a  capacitor  with  the  substance  as  dielectric  to 
that  of  air  (or  a  vacuum)  as  dielectric. 


Then  from  the  dielectric  constant,  the  total  polarization  may  be 
calculated  from  eq.  (2),  where  e  is  the  dielectric  constant,  p  is  the 
density,  and  M  the  molecular  weight  of  the  substance. 


6  —  1  M 

P  =  7+2  ‘  P 


(2) 


In  order  to  determine  a  and  p  from  P,  one  of  several  general  techniques 

1.  One  procedure  is  to  measure  P  at  a  senes  of  temperatures  and 
plot  P  against  the  reciprocal  of  the  absolute  temperature.  rom  e<4- 

7  H.  R.  Davidson  has  given  an  excellent  description  "S  of 


6.4] 


Induction:  electric  dipole  moments 


127 


(1),  it  is  seen  that  the  first  derivative  of  P  with  respect  to  l/T  equals 
4irNn‘l/9k.  That  is,  the  slope  of  the  line  obtained  when  P  is  plotted 
against  l/T  will  give  4xNn2/9k,  from  which  n  can  be  calculated.  The 
intercept  at  l/T  =  0  gives  the  constant  4-irNa/S  which  permits  calcula¬ 
tion  of  a. 

2.  A  second  technique  is  to  measure  the  dielectric  constant  in  an 
alternating  field.  The  induced  polarization  is  due  to  a  shifting  of 
electrons,  which  will  oscillate  instantaneously  with  the  field,  whereas 
the  polarization  resulting  from  the  permanent  dipole  moment  involves 
migration  and  rotation  of  molecules.  Rotation  of  the  molecules  will 
be  sluggish,  and  with  increasing  alternating  frequency  of  the  external 
field,  rotation  of  the  molecules  will  lag  more  and  more  behind  the 
field  oscillation.  Hence  the  total  polarization  will  steadily  decrease 
to  that  due  to  induction  alone;  that  is,  P  will  approach  Pa  as  a  limit. 
What  is  done,  then,  is  to  plot  P  against  the  field  oscillation  frequency 
and  extrapolate  to  infinite  frequency.  This  will  give  a  value  for 
Pa  =  4ttN/3(x  from  which  a  may  be  calculated.  Then  n  may  be 
computed  from  the  relationship  =  P  -  Pa  when  P  is  measured  at 
any  convenient  frequency. 

3.  A  third  technique  is  to  measure  the  index  of  refraction  n  of  the 
substance,  using  light  of  various  frequencies.  Light  energy  has  a 
rapidly  oscillating  electric  field  which  can  induce  polarization  of  the 

.  molecules.  Obviously,  the  polarization  by  light  of  infinite  frequency 
will  be  solely  that  due  to  induction.  Therefore  a  plot  of  the  index  of 
refraction  against  frequency  and  an  extrapolation  to  infinite  frequency 
are  made.  It  has  been  shown  from  classical  theory  that  e  =  n2,  so  that 
substitution  of  n2  for  e  in  eq.  (2)  gives  eq.  (3). 


n2  —  1  M 
n2  +  2  ’  p 


(3) 


Hence  at  infinite  frequency,  P  of  eq.  (3)  will  equal  P„.  Again,  P„  is 
then  calculated  from  the  relationship  P„  =.  P  —  pai  where  P  is  deter- 
mined  by  a  single  measurement. 

6.4  Solvent  effects  on  dipole  moments 


considerations  of  dipole  moments,  caution  must  be  gi 


vever,  in  exacting 
given  to  using  data 
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from  solution  measurements,  for  it  is  found  that  solvents  not  only 
affect  the  ionic  character  of  bonds,  but  may  markedly  alter  the  shape 
of  a  molecule.  For  example,  H.  Sadek* * * * * * * 8  has  summarized  data  in  the 
literature  on  the  dipole  moments  of  the  hydrogen  halides,  HC1,  HBr, 
HI,  which  are  reproduced  in  Table  6.3.  From  the  ratio  of  the  meas¬ 
ured  dipole  moment  to  the  product  of  charge  and  interatomic  distance, 
Sadek  estimated  the  relative  ionic  character  of  the  H — X  bond  in  the 
various  solvents;  these  data  appear  in  the  last  column.  Thus  the 
solvents  induce  moments  in  the  compounds  which  are  higher  than  in 
the  gas  phase.  Moreover,  the  solvent  effect  varies  with  different 
compounds,  for  the  moment  of  HC1  is  larger  in  CCU  than  in  benzene, 
but  the  moments  of  HBr  and  HI  are  smaller  in  CC14  than  in  benzene. 
Furthermore,  Ulich,  Hertel,  and  Nespital9  have  given  evidence  to 
suggest  a  deformation  of  inorganic  halides  in  solution.  Probably  in 
certain  solvents,  the  acidic  salts  form  complexes  with  the  solvents 


Table  6.3 


Dipole  Moments  of  Hydrogen  Halides  in  Various  Solvents 8 


HX 


Solvent 


HCL 


C6H6 

CC14 


cyclo-CiH 

n-CeHu 

c6h&ch3 

CHCI3 


HBr 

HI 


(C2H5)20 

c6h6 

CC14 

c6h6 

CC14 


Gas 

Solution 

Per  cent  ionic 
character 

1  .OSD 

1.22  D 

20.0 

1.32 

21.7 

1.32 

21.7 

1.04 

17 

1.24 

20.4 

1.03 

17 

2.22 

36.5 

0.79 

1.01 

15 

0.96 

14.3 

0.38 

0.58 

7.6 

0.50 

6.5 

which  result  in  electrically  unsymmetrical  species.  For  instance, 

SnCl4  has  no  moment  in  the  liquid  state  but  has  a  moment  of  2^46 

in  ether  or  acetone.  On  some  occasions,  attempts  have  been  made  o 

correct  for  solvent  effects.10  , 

Moreover,  it  was  illustrated  in  Sec.  5.2  that  the  potential  energy 

differences  between  the  trans  and  gauche  isomers,  as  measure  y  ipo  e 

moments,  will  differ  depending  upon  whether  the  measurements  are 

8  H.  Sadek,  Science ,  111*  338  (1950).  r,  2i  (1932) 

■  H.  Ulich,  E.  Hertel,  and  W.  Nespital,  Z.  rhmk  Chem.,  B1-,  (193 

10  a.  Audsley  and  F.  R.  Goss,  J.  Chem.  Soc.,  358  (1942). 
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made  on  the  vapor  or  liquid  state.  Hence  different  conclusions  might 
be  reached  from  the  two  measurements  on  different  states.  The 
change  of  energy  of  a  polar  molecule  with  the  change  in  state  has  been 
explained  by  Mizushima  and  his  collaborators11  on  the  basis  of 
Onsager’s  hypothesis.12 

6.5  Vector  addition  of  dipole  moments 

That  dipole  moments  can  be  treated  as  vector  quantities  can  be 
illustrated  most  easily  by  considering  the  moments  of  benzene  deriva¬ 
tives.  Since  the  benzene  molecule  is  a  regular  hexagon,  vector  addi¬ 
tion  of  the  small  dipole  moments  in  opposite  C — H  bonds,  which  are 


H  H 


II  H 


equal  but  in  opposite  directions,  would  give  a  resultant  zero  moment. 
Therefore  benzene  should  not  have  a  dipole  moment,  which  is  indeed 
the  case.  By  the  same  reasoning,  when  two  atoms  or  groups,  A  and 
B,  are  substituted  para  to  one  another,  the  dipole  moment  of  the 
derivative  should  be  close  to  the  sum,  or  difference,  of  the  Ci— A  and 
C*  B  bond  moments.  Thus  the  moment  of  p-chloronitrobenzene 
should  be  close  to  the  sum,  or  difference,  of  the  moments  of  chloro¬ 
benzene  and  nitrobenzene;  whether  it  is  the  sum  or  difference  depends 
upon  the  directions  of  the  moments  in  chlorobenzene  and  nitrobenzene 
relative  to  the  aromatic  nuclei.  As  shown  below,  it  turns  out  to  be 
the  difference. 


Dipole  moment  =  1.55D 


3.95  D 


2.5D 
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atoms.  Hence,  in  each  case,  the  moments  of  chlorobenzene  and  nitro¬ 
benzene  are  directed  away  from  the  nucleus,  so  that  in  p-chloronitro- 
benzene,  the  two  dipoles  oppose  each  other. 

This  procedure  can  be  a  means  of  determining  the  direction  of  the 
moment  of  a  monosubstituted  benzene.  For  illustration,  the  direction 
of  the  dipole  of  toluene  might  not  be  readily  predictable,  but  it  can  be 
determined  from  the  moments  of  p-chlorotoluene  or  p-nitrotoluene 
on  the  basis  of  the  knowledge  of  the  direction  of  the  moments  of  chloro¬ 
benzene  and  nitrobenzene. 


D.M.  =  0AD  1.55  D  1.9D 


In  each  case  above,  the  moment  of  the  para-disubstituted  benzene 
is  the  sum  of  the  moments  of  the  respective  monosubstituted  com¬ 
pounds,  which  indicates  that  the  moment  of  toluene  is  directed  towaid 
the  ring.  From  this  it  can  be  concluded  that  a  methyl  group  is  less 
electronegative  than  is  a  hydrogen  atom;  that  is,  the  bond  moment  in 
the  C4 — H  bond  is  known  to  be  directed  toward  the  carbon  atom  due 
to  the  greater  electronegativity  of  carbon  over  hydrogen,  but  the 
moment  of  toluene  is  toward  the  ring,  which  shows  that  there  is  a 


greater  bond  moment  in  the  Ci — CH3  bond.  Therefore  the  diffeience 
in  electronegativities  between  carbon  and  the  methyl  group  is  greater 
than  the  difference  between  carbon  and  hydrogen;  or  in  other  voids, 
carbon  can  attract  the  shared  pair  of  electrons  from  the  methyl  group 
more  strongly  than  from  hydrogen.  It  follows,  then,  that  hydrogen 

is  more  electronegative  than  is  a  methyl  group. 

The  dipole  moment  of  a  meta-  or  ori/m-disubstitut.ed  benzene 
compound  also  can  be  obtained  by  vector  addition  of  the  moments 
of  the  respective  monosubstituted  compounds.  If  Mi  and  M2  are  the 
moments  associated  with  the  substituents  of  the  monosubstituted 
benzene  compounds,  their  vector  addition  can  be  made  according 
to  the  law  of  cosines,  where  <#.  is  60°  for  the  ortho  position  and  120  for 

the  meta  position. 
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fJL resultant  =  vVl2  +  /*22  ~  2/iiyU2  COS  0 

ortho:  nr  =  \/  hi2  -f-  /x22  +  M1M2 

vieta:  /ir  =  vVi2  +  M22  —  M1M2 

p(XT(X»  jlr  =  ytx  2  JU  i 

As  an  illustration,  the  values  calculated  according  to  these  equations 
for  0-,  m-,  and  p-chlorotoluene  are  in  satisfactory  agreement  with  the 
observed  values. 


1.39  calc 
1.3  obs 


1.79  calc 
1.7S  obs 


1.90  calc 

1.90  obs 


disubstituted^hpVin  ^  7^  Simi'ar  Calculations  for  a  number  of 
d  substituted  benzenes,  and  their  results  are  listed  in  Table  6  4  The 

discrepancies  between  calculated  and  observed  values  are  largest  for 

the  ortho  position,  being  greatest  for  the  larger  groups  This”  is  due 

to  stenc  repulsion  between  the  ortho  substituents,  which  spreads  Z 

Hall,  New  YorMw?,  pnt135.'  Calvm'  The  TkeorV  of  Organic  Chemistry,  Prentice- 
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Table  6.4 


Vector  Addition  Moments  of  Some  Disubstituted  Benzenes 


c6h4xy 

Ortho 

Meta 

Para 

X 

c6h5x 

Y 

C6H5Y 

Obs 

Calc 

Obs 

Calc 

Obs 

Calc 

ch3 

0.4 

ch3 

0.4 

0.5 

0.7 

0.4 

0.4 

0.0 

0.0 

F 

1.43 

F 

1 .43 

2.4 

2.48 

Cl 

1.55 

Cl 

1.55 

2.3 

2.67 

1.48 

1.55 

0 

0 

Br 

1.52 

Br 

1.52 

2.0 

2.63 

1.5 

1.52 

0 

0 

I 

1.3 

I 

1.3 

1.7 

2.25 

1.3 

1.30 

0 

0 

no2 

3.95 

no2 

3.95 

6.0 

6.83 

3.79 

3.95 

0 

0 

ch3 

0.4 

Cl 

1.55 

1.3 

1.39 

1.78 

1.79 

1.90 

1.95 

ch3 

0.4 

no2 

3.95 

3.66 

3.76 

4.17 

4.16 

4.4 

4.35 

Cl 

1.55 

no2 

3.95 

4.3 

4.91 

3.4 

3.44 

2.5 

2.40 

Cl 

1.55 

Br 

1.52 

2.2 

2.67 

1.5 

1.54 

0 

0.03 

groups  apart,  making  the  actual  angles  larger  than  the  assumed  60°. 
For  example,  the  bromine  atoms  in  o-dibromobenzene  actually  form 
angles  of  15°  with  the  ring,  thus  increasing  <f>,  whereas  they  are  planar 
with  the  ring  in  the  para  isomer. 

From  the  dipole  moments  of  simple  compounds,  the  dipoles  associ¬ 
ated  with  various  type  bonds  may  be  determined.  Frequently,  these 
may  be  used  to  support  the  postulation  of  a  configuration  of  a  given 
molecule.  For  instance,  from  Table  6.5,  the  H  C  and  C  Br  bond 
moments  are  0.3  and  1.48,  respectively.  When  used  with  the  pro¬ 
jected  structure  of  methyl  bromide 

H 

I 

H— C— Br 
0.3  |  1.48 

H 

the  calculated  dipole  moment  (0.3  +  1.48  =  1.78  D)  agrees  well  with 
the  observed  moment  (1.80  D).  As  another  illustration  of  their 
application,  the  C— O— H  bond  angle  in  methyl  alcohol  may  be  calcu¬ 
lated  with  use  of  the  law  of  cosines. 


Mobs. 


=  1.69  =  •V/(0J  +  0.86)2  +  1 .53*  +  (2  X  U6  X1.53  cos  4>) 
2.855  =  n/3.688  +  3.55  cos  </> 


<t>  =  107° 
</w  =  ~108° 
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Individual  Bond  Moments15 


Bond 

Bond 

Bond 

Bond 

(“1"  —  ) 

Moment 

(+  -) 

M  oment 

H— C 

0.30 

C— I 

1.29 

H— N 

1.31 

C— N 

0.40 

H— 0 

1.53 

C=N 

0.90 

H— F 

1.98 

Ch=N 

3.60 

H— Cl 

1.03 

C— 0 

0.85 

H— Br 

0.78 

c=o 

2.40 

H— I 

0.38 

c— s 

0.95 

H— S 

0.68 

c=s 

2.80 

C— F 

1.51 

N— O 

0.30 

C— Cl 

1.56 

N— >0 

3.2 

C— Cl  (2C1) 

1.20 

N=0 

2.0 

C— Cl  (3 Cl) 

0.85 

s-^o 

2.5 

C— Br 

1.48 

Dipole  moments  are  useful  in  deducing  the  configurations  of 
molecules.  For  example,  diphenyl  mercury,  (CeHs^Hg,  has  no 
dipole  moment,  whereas  diphenyl  ether  and  diphenyl  sulfide  have; 
hence  diphenyl  mercury  must  be  symmetrical,  i.e.  linear,  and  the 
other  two  must  be  unsymmetrical,  or  angular.  Of  course,  this  same 
conclusion  can  be  made  from  molecular  orbital  theory.  Again, 
ammonia  and  trimethylamine  have  dipole  moments,  whereas  tri- 
phenylamine  has  not;  hence  ammonia  and  trimethylamine  might  be 
pyramidal,  at  least  unsymmetrical,  and  triphenylamine  must  be 
planar.  This  conclusion  is  verified  by  absorption  spectra  and  electron 
diffraction  measurements.  Dipole  moments  are  of  great  value  in 
supporting  the  concept  of  resonance,  and  this  point  will  be  discussed 
in  the  chapter  on  resonance. 


Supplementary  Reading 


1.  G.  E.  K.  Branch  and  M.  Calvin,  Theory  of  Organic  Chemistry ,  Prentice-Hall 
New  York,  1941,  pp.  125-150. 


2.  S.  J.  French,  J.  Chem.  Education ,  13,  122  (1936). 

3.  C.  P.  Smyth,  J.  Am.  Chem.  Soc.,  63,  57  (1941). 

4.  R.  J.  W.  LeFSvre,  Dipole  Moments,  Methuen,  London,  1948. 
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Magnetic 

Susceptibility 


7.1  Diamagnetism  and  paramagnetism 

Any  system  containing  electrons  in  angular  motion  will  have  induced 
currents  (a  manifestation  of  an  angular  acceleration,  called  Larmor 
precession)  set  up  in  it  when  a  magnetic  field  is  impressed,  and  these 
currents  in  turn  will  act  like  magnetic  dipoles,  always  opposed  to  the 
external  field.  There  will  be  produced  thereby  a  small  negative 
contribution  to  the  magnetic  susceptibility,  the  magnetic  analog  to 
electric  polarization.  All  substances  possess  this  diamagnetism.  The 
diamagnetic  polarization  of  a  substance  is  practically  independent  of 
temperature,  and  depends  primarily  on  atomic  structure.  Thus  it 
can  be  calculated  with  reasonable  accuracy  from  values  corresponding 
to  the  atoms  composing  the  substance,  with  small  corrections  for  the 
types  of  bonds  involved.  These  values,  called  Pascal’s  constants,  were 


Table  7.1 


Pascal's  Constants  for  Some  Elements 1 * * *  (10  6  cgs  units) 


...  -2 

.93 

c—  . 

.  . .  .  -6 

00 

C  (olefinic) . 

.  .  .  .  -o 

50 

C  (acetylenic) . 

.  .  .  .  -5 

20 

C  (aromatic) . 

.  .  .  .  -6 

24 

N  (open  chain) . 

. .  .  .  -5 

.57 

N  (ring) . 

.  .  .  .  -4 

.61 

N  (monoamide) . 

-1 

.54 

N  (diamide,  imide) . 

...  -2 

.11 

O  (alcohol,  ether) . 

-4 

.61 

O  (aldehyde,  ketone) . 

.  .  -1 

.  73 

O  (carboxyl) . 

.  .  -3 

.36 

Cl .  -20.1 

Br .  —30.6 

X .  —44.6 

S .  “15  0 

Se .  —23.0 

Te  .  “37.3 

P  .  -26.3 

As .  —43.0 

Li .  "  4.2 

. .  -  9  2 

. .  "IS  5 


i  From  P  W  Selwood,  Magnetochemistry,  Interscience,  New  York,  1943.  They 

include  a  minor  revision  due  to>  more  accurate  determination  of  the  susceptibility 

of  water,  which  was  Pascal’s  reference  standard. 
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experimentally  determined  by  Pascal  from  measurements  on  a  very 
large  number  of  diamagnetic  compounds  and  are  given  in  Table  7.1. 
A  number  of  constants  not  listed  here,  which  permit  corrections  for 
certain  structural  features,  have  also  been  determined. 

In  addition  to  diamagnetism,  some  substances  exhibit  a  polariza¬ 
tion  of  opposite  sign  and  usually  of  much  larger  magnitude.  Besides 
the  properties  of  mass  (energy)  and  electric  charge,  an  electron  has 
associated  with  it  another  property  called  spin.  Since  a  rotating 
charge  creates  a  magnetic  field,  the  spinning  electron  will  produce  a 
magnetic  dipole  and  cause  the  atom  to  have  a  permanent  magnetism 
called  paramagnetism.  If  an  atom  has  more  than  one  electron,  the 
magnetic  dipoles  from  each  spinning  electron  may  or  may  not  cancel 
one  another.  It  can  be  expected,  then,  that  any  molecule  with  an 
odd  number  of  electrons  is  certain  to  be  paramagnetic.2  A  very  large 
paramagnetism  is  termed  ferromagnetism,  which  is  confined  to  the  solid 
state.  Neither  diamagnetism  nor  paramagnetism  is  observed  in  the 
absence  of  an  external  field,  since  diamagnetism  is  an  induced  magne¬ 
tism,  and  due  to  a  random  orientation,  paramagnetic  substances 
would  not  have  excess  magnetism  in  any  one  direction. 


7.2  Experimental  methods 


The  magnetic  susceptibilities  of 
by  many  methods.3-4  One  common 
liquids  and  modified  by  Gouy  for 
solids,  is  applied  to  substances  en 
masse,  and  is  based  on  measurement 
of  the  force  on  a  small  specimen 
in  a  magnetic  field.  The  essential 
features  of  the  Gouy  modification 
are  illustrated  in  simple  fashion  in 
Fig.  7.1.  A  cylinder  of  the  sub¬ 
stance  A  is  suspended  from  a  bal¬ 
ance  with  one  end  in  a  homogeneous 


substances  have  been  measured 
method,  devised  by  Quincke  for 


a  To  balance 


Fig.  7.1 .  Diagrammatic  sketch  of  the 
Gouy  method  of  measuring  magnetic 
susceptibilities. 


field  between  the  magnetic  poles 

M .and  M'-  Obviously,  the  greater  the  magnetic  susceptibility  of  th 
substance,  the  greater  will  be  the  force  with  which  it  is  drawn  into  th 


S3&5* nuclear  spin  h  TCry 

“  255£ 

lwood’  Ma9netochemistry,  Interscience,  New  York,  1943,  pp.  2  ff. 
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field;  this  force  can  be  measured  by  a  sensitive  balance.  The  balance 
is  standardized  by  measuring  the  susceptibility  of  a  primary  standard, 
such  as  copper  sulfate,  sodium  chloride,  water,  or  air,  whose  suscepti¬ 
bilities  are  known  very  accurately.  Special  alterations  of  this  method 
have  been  devised  to  measure  the  susceptibilities  of  liquids  or  strongly 
paramagnetic  substances. 

A  second  general  method  of  determining  magnetic  susceptibilities 
makes  use  of  the  effect  of  a  magnetic  field  upon  a  stream  or  beam  of 
atoms  or  molecules  in  a  vacuum  tube,  as  was  done  in  the  classic  Stern- 
Gerlack  experiment.  There  are  a  number  of  experimental  difficulties 
to  this  method,  and  although  its  application  is  limited,  it  has  revealed 
atomic  magnetic  phenomena  which  are  masked  by  atomic  interaction 
in  the  en  masse  measurements. 

For  the  Gouy  method,  the  force  /  acting  on  the  sample,  is  given 
by  the  expression  /  =  ^(/ci  —  /c2)  ( Hi 2  —  H-A)A  =  gAw,  where  fci  and 
k2  are  the  magnetic  susceptibilities  per  unit  volume  of  the  sample  and 
surrounding  atoms,  respectively;  H i  and  H2  are  the  field  strengths 
between  the  pole  pieces  and  at  the  upper  end  of  the  sample,  A  is  the 
cross-sectional  area  of  the  sample,  g  is  the  gravitational  constant,  and 
Aw  is  the  apparent  change  in  weight  on  application  of  the  field. 

The  molar  magnetic  susceptibility  of  a  substance,  x>  is  found 
equal  to  Na  +  N^/SkT  where  N  is  Avogadro’s  constant,  k  is  Boltz¬ 
mann’s  constant,  a  is  the  molecular  diamagnetic  susceptibility,  T  is 
the  absolute  temperature,  and  n  is  the  permanent  magnetic  dipole 
moment.  The  permanent  magnetic  moment  yields  the  most  informa¬ 
tion  concerning  the  structure  of  a  substance.  To  determine  n,  one 
may  measure  x,  compute  a  from  Pascal’s  constant,  and  then  calculate 
H  The  second  procedure,  which  is  probably  more  accurate,  is  to 
measure  x  at  various  temperatures,  and  determine  the  slope  of  the 
line  when  x  is  plotted  against  l/T,  which  is  equal  to  Ng /Sk.  brom 
this  one  may  calculate  For  a  substance  with  n  unpaired  electrons, 
it  is  found  that  M  =  V^F2)  Bohr  magnetons.  The  Bohr  magne¬ 
ton  (B.M.),  which  is  the  common  unit  of  magnetic  susceptibility, 
equal  to  5589  ergs/gauss/gram  atom  Fora  substance  wit  one 
unpaired  electron,  ju  will  be  close  to  VU*  +  2)  -  VS,  or  1. 


7.3  Stereostructures  and  magnetic  properties 

One  of  the  most  valuable  uses  of  magnetic  susceptibility  measure¬ 
ments  is  in  determination  of  bond  type  and  configuration  of  complex 
ions  or  molecules.  A  discussion  of  some  of  the  ^orkthathas  been 
conducted  with  nickel  complexes  will  serve  as  an  illustration. 
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The  bivalent  nickel  (at.  no.  28)  ion  Ni++  has  26  electrons  which 
will  fill  the  Is,  2s,  2 p,  3s,  and  3 p  orbitals,  with  eight  remaining  for  the 
3 d  or  4s  orbitals.  According  to  the  generalizations  outlined  in  Sec. 
2.4,  these  eight  electrons  would  occupy  the  five  3 d  orbitals,  with  six 
paired  and  two  unpaired.  Simple  nickelous  salts  should  therefore 
show  a  paramagnetism  corresponding  to  two  unpaired  elections,  as 
they  actually  do. 

In  a  complex  ion  of  nickel,  where  nickel  has  formed  covalent  bonds 
with  donor  atoms,  the  covalent  bonds  may  use  sp3  hybrid  orbitals 
(from  the  4s  and  three  4 p  orbitals)  or  the  stronger  dps 2  hybrid  orbitals. 
The  latter  possibility  is  brought  about  by  a  coupling  of  the  two 
unpaired  electrons  in  the  3d  orbitals,  making  available  an  open  3d 
orbital.  These  three  orientations  may  be  pictured  as  follows: 


Ni++  ionic 

Ni11  sp3  hybrid  orbitals 
(tetrahedral  complex) 

Ni11  dsp2  hybrid  orbitals 

(square  coplanar  complex) 


Lowest  lying  outer  orbitals 


3d 

oo  oo  o  o  j  [o|  | 

oo  o  o  o  o]  !©□ 

4s 

m 

4p 

m  m  m 

m 

m  m  m 

oo.  °  o  °  °  l°l°l  LJJ 

m 

m  m  m 

In  the  complexes  of  dsp2-type  bonds,  the  nickel  has  no  unpaired  elec¬ 
trons,  and  is  expected  to  be  diamagnetic.  An  example  is  the  ion 
Ni(CN)4  which  has  been  found  experimentally  to  be  diamagnetic. 
In  addition,  it  has  been  verified  by  x-ray  diffraction  measurements 
that  this  ion  and  other  diamagnetic  complexes  of  nickel  have  a  square- 
coplanar  configuration.  On  the  other  hand,  some  nickel  complexes, 
e.g.,  Ni(N2H4)2(N02)2  and  nickel  acetylacetone,  are  paramagnetic, 
with  values  corresponding  to  two  unpaired  electrons.  It  has  not  been 


verified  by  x-ray  examinations,  but  these  complexes  presumably  have 
a  tetrahedral  configuration.  It  follows,  then,  that  the  assignment  of 
covalent  nickel  complexes  to  tetrahedral  or  square-coplanar  structures 
can  be  made  on  the  basis  of  magnetic  susceptibility  measurements 
alone.  The  same  is  true  for  complexes  of  other  metallic  ions.  To 
illustrate,  the  electron  configurations  of  some  complex-forming  ions 
are  pictured  on  page  138. 

According  to  these  electron  distributions,  it  can  be  seen  that  one 
cannot  distinguish  magnetically  between  ionic  and  covalent  copper 
siver  or  tncovalent  chromium,  since  the  ionic  and  covalent  forms 
each  have  the  same  number  of  unpaired  electrons.  It  is  possible 
however,  to  determine  the  bond  type  in  divalent  chromium,  the  com- 


Coordination  4 
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bond 

Electron  distribution 
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magnetic 
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10 
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03 
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03  03 
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0 

Cu++ 

9 
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HE 
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1 
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9 
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1 
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9 
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plexes  of  iron,  or  some  of  the  other  metalorganic  compounds.  In 
actual  practice,  the  complexes  have  magnetic  susceptibilities  quite 
close  to  the  expected  values,  and  it  is  easy  to  decide  the  bond  type 
present  The  bond  type  is  an  indication  of  the  steieostiuctuie,  foi  it 
will  be  recalled  that  d2sp3  bonds  form  an  octahedron,  sp3  bonds  form 
a  tetrahedron,  and  dsp 2  bonds  form  a  square  (see  Table  2.2,  Sec.  2.4e). 

Of  course,  when  it  is  possible  to  prepare  cis-trans  isomers  of  a 
complex  of  a  metallic  ion  of  coordination  four,  a  planar  configuration 
can  be  assumed,  since  such  isomers  are  impossible  with  the  tetrahedral 
grouping.  Conversely,  when  optical  isomers  can  be  isolated,  it 
indicates  a  tetrahedral  structure,  for  the  planar  form  would  have  a 
plane  of  symmetry.  Hence,  even  without  the  magnetic  criterion, 
conclusions  can  be  reached  concerning  the  structure  of  metal  com¬ 
plexes.  For  instance,  Pfeiffer  and  Glaser5  prepared  copper  hydroxy- 
naphthaldehyde-methylimine  in  a  green  and  in  a  brown  form. 


The  brown  isomer  was  assigned  the  cis  structure  inasmuch  as  the 
conesponding  ethylenediamine  compound  which,  is  necessarily  a  cis 


HC=N  N=CH 

h2c— ch2 

compound  because  of  the  connecting  methylene  groups,  is  also  colored 
brown.  Optical  isomers  have  been  isolated6  for  some  boron  and 
ery Ilium  complex  salts,  but  a  discussion  of  these  would  be  wandering 
too  far  from  the  initial  point  of  interest  of  this  section. 

NhOfn  n,°takle  ^  examination  reveals  nickel  tetracarbonyl, 

evPrC°+  •’  !°  i36  tetrah^dra1’  ^et  11  is  f°rmd  to  be  diamagnetic.  How- 
*  18  t0  be  remembered  that  the  neutral  nickel  atom  has  two  more 

\  andjH;  Glaser>.  J-  vrakt.  Chem.,  153,  265  (1939). 

RAP  rCI^n!nd  ^ ec ■  trav •  chim.,  44,  758  (1925)-  W  H  Mill  ^ 

It.  A.  Gotts,  J.  Chem.  Soc.,  3121  (1926).  1  W‘  H-  MlUs  an4 
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electrons  than  the  bivalent  nickel  ion.  The  additional  two  electrons 
are  just  enough  to  fill  completely  the  five  3d  orbitals,  and  therefore  the 
experimental  observations  satisfy  such  an  electron  distribution. 

A  noteworthy  study  of  a  series  of  nickel  chelates  has  been  made  by 
Calvin,  Bailes,  and  Barkelew.7  They  measured  the  magnetism  of  a 
number  of  nickel  chelates  of  substituted  salicylaldehyde  Schiff  bases 
and  noted  a  relationship  between  the  magnetism  and  color  of  these 
compounds.  Their  results  are  summarized  in  Table  7.2  for  deriva¬ 
tives  of  the  general  structure  * 

0 

\  / 

Ni 
/  \ 

A  B  = 

Some  points  of  interest  concerning  the  data  given  in  Table  7.2  are: 

1.  The  diamagnetic  complexes  appear  to  be  of  two  colors,  green 
and  red.  Calvin  et  al,  attributed  this  to  a  cis-trans  isomerism,  with 
the  cis  being  red  and  the  trans,  green. 


This  decision  could  be  reached  by  two  considerations;  (1)  the  com¬ 
plexes  are  diamagnetic,  hence,  square-coplanar  and,  (2)  the  chelates 
with  two  methylene  groups  between  the  nitrogen  atoms  are  red,  and 
these  must  have  the  cis  structure  because  the  chain  is  not  long  enough 
to  form  the  trans  configuration.  Also,  it  appears  that  the  stable 
isomer,  when  there  is  an  odd  number  of  methylene  groups  between  the 
nitrogen  atoms,  is  the  red  diamagnetic  cm  form,  while  the  stable  isomer, 
when  the  number  of  methylene  groups  between  the  nitrogen  atoms  is 
even ,  is  the  green  diamagnetic  trans  form.  This  periodicity  sugges  s 
that  steric  factors  are  instrumental  in  determining  whether  these 


chelates  are  tetrahedral  or  square-coplanar. 

2  The  chelates  of  the  pure  aldehydes  are  green  and  paramagnetic, 
indicating  a  tetrahedral  structure.  Calvin  and  his  co-workers  were 
able  to  bring  about  a  reversible  transformation  between  the  green 
7  m.  Calvin,  R.  H.  Bailes,  and  C.  H.  Barkelew,  unpublished  work. 
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Table  7.2 

Color  and  Magnetism  of  Some  Nickel  Chelates  of  Substituted  Salicylalde- 

hyde  Schijf  Bases 


A  B 

Ring  Substituent 

H 

3-EtO 

5-N02 

5- Cl 

3-MeO 

4-OH 

v6  0 

G—P 

G—P 

G—P 

NH  NH 

R—D 

NCH,  nch3 

G—D 

N— (CH2)2— N 

R—D 

R—D 

R—D 

R—D 

N — (CH2)3 — N 

G—P* 

G—P* 

R—D 

G—P* 
R—  (P?) 

G—P 

G—P* 

R—D 

R—D 

N — (CH2)4 — N 

G—D 

G—D 

G—D 

N — (CH2)6 — N 

G—D 

R—D 

N — (CH2)6 — N 

G—D 

G—D 

G—D 

N — (CH2)7 — N 

R—D 

N — (CH2)io — N 

G—D 

G—D 

G—D 

G  =  green,  R  =  red,  D  =  diamagnetic,  P  =  paramagnetic. 
*  The  dihydrate. 


paramagnetic  dihydrates  and  the  dehydrated  red  diamagnetic  forms 
of  the  series  =N — (CH2)3 — N=.  The  prevailing  structure  depended 
upon  the  presence  or  absence  of  water. 


7.4  Chemical  equilibria 

A  second  application  of  magnetic  susceptibility  studies  is  the 
measurement  of  the  concentrations  of  free  radicals.  Among  non- 
metallic  organic  compounds,  paramagnetic  ones  are  usually  free 
radicals,  as  was  first  pointed  out  by  G.  N.  Lewis.8  Magnetic  suscepti¬ 
bility  has  been  one  of  the  most  direct  methods  of  determining  the 
degrees  of  dissociation  of  hexaarylethanes  into  two  free  radicals.9 
Since  the  molar  susceptibility  of  any  molecular  species  with  one 
unpaired  electron  in  any  solvent  is  always  the  same,  eg  1  73  B  M  or 

f  o„20h°c;  l2Jr  tx  T cgs  units’ the  ratio  of  the  -oli ’sus^Sity 

d  ''  20  C, t0  (2  X  I2B°)  IS  p<  the  ratio  of  free  radical  to  the  total 
amount  of  substance.  The  degree  of  dissociation  of  a  covalent  sub- 

New  YorkS,'  C^<*. 

'  M.  F.  Roy  and  C.  S.  Marvel,  j!  Am.  Chln^L,  59,  2622  (1937). 
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stance  into  two  free  radicals  A:B— »  A*  +  B’  is  then  calculated  from 
the  relationship  P  =  2a/[(l  —  a)  +  2a]  =  2a/(l  +  a).  Application 
of  this  method  will  be  discussed  in  the  section  on  free  radicals  in  the 
next  chapter. 


Supplementary  Reading 

1.  L.  Michaelis,  Physical  Methods  of  Organic  Chemistry,  1st  ed.,  Vol.  II,  edited 
by  A.  Weissberger,  Interscience,  New  York,  1946,  Chap.  24. 


Resonance  and 

Its  Applications 
to  Organic  Chemistry 


8.1  The  concept  of  resonance 

A  structural  theory  of  organic  compounds  was  developed  early  in  the 
nineteenth  century  to  account  for  the  valence  of  atoms  in  organic 
molecules  and  for  the  properties  of  such  substances.  A.  Kekule  and 
A.  S.  Couper  independently  devised  the  system  -of  using  symbols  to 
represent  the  corresponding  atoms,  and  lines  to  designate  chemical 
bonds.  From  a  study  of  chemical  properties,  organic  compounds  were 
then  classified  on  a  basis  of  common  structural  groups,  i.e.,  the  alcohols, 
acids,  olefins,  etc.  Thus  the  members  of  each  class  have  the  same 
qualitative  chemical  properties  but  may  differ  to  a  small  degree  in 
reactivity.  Slowly  it  was  recognized,  however,  that  when  certain 
functional  groups  are  close  to  one  another  their  typical  chemical 
properties  are  markedly  affected.  For  example,  the  neutral  OH  group 
becomes  quite  acidic  when  attached  to  a  carbonyl  carbon  atom  as  in  a 
caiboxylic  acid,  and  at  the  same  time,  the  carbonyl  group  loses  its 
property  of  undergoing  addition  reactions.  Again,  reactivity  of  a 
halogen  atom  depends  upon  the  type  of  organic  radical  to  which  it  is 
attached,  for  in  general,  hydrolysis  of  allyl  and  benzyl  halides  can  be 
effected  at  room  temperature,  of  alkyl  halides  around  100°C  and  of 
vmyl  and  arylhalides  above  150°C.  And  finally,  n-pentyl  chloride  is 
ydrolyzable  in  boiling  alkali,  while  neopentyl  chloride  is  not  Simi¬ 
larly,  the  OH  group  of  n-pentanol  is  replaceable  by  a  chlorine  atom 
upon  treatment  with  concentrated  hydrochloric  acid  but  not  so  with 

DroDerties  °of  C  t-”8?4  °f  ““  recognition  that  *e  ty p ical  chemical 
properties  of  functional  groups  may  be  affected  when  they  assume 

specific  positions  relative  to  one  another,  the  structural  theory  of 

strucTura'l  ko  y  b?n  m°dified  *°  include  Phe™mena  such  as 
“eric  hindrir  Stere°“m’  resonance, 
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The  concept  of  resonance  was  introduced  by  Heisenberg  through 
quantum  mechanics  in  the  twenties  and  generalized  by  Pauling  in  the 
early  thirties.  During  the  same  period,  similar  ideas  were  held  by 
Arndt  and  his  co-workers  in  Germany,  and  by  Robinson  and  Ingold 
in  England;  they  used  the  terms  zwischenstufen  and  mesomerism, 
respectively.  Each  group  believed  that  the  actual  electron  structures 
of  certain  molecules  were  not  identical  with  those  designated  by  the 
conventional  valence-bond  formulas.1 

The  concepts  and  basic  principles  of  resonance  theory  can  be 
expounded  best  by  considering  the  classic  case  of  benzene.  It  should 
be  recalled  from  Sec.  2.4g  that,  as  a  result  of  hybridization  of  the 
carbon  atomic  orbitals,  each  carbon  atom  of  benzene  forms  two  sp¬ 
a-type  molecular  orbitals  with  its  neighboring  carbon  atoms,  and 
one  with  a  hydrogen  atom.  This  produces  a  planar  molecule  with 
C — C — C  bond  angles  of  120°.  There  remains  at  each  carbon  atom  a 
p  atomic  orbital  containing  one  electron.  The  p  orbitals  on  adjacent 
carbon  atoms  can  overlap  to  form  molecular  x-type  orbitals,  and  of 
course,  two  different  combinations  of  three  alternating  pairs  are 
possible.  These  are  conventionally  represented  by  the  two  Kekule 
structures 


In  addition,  since  a  p  orbital  at  any  given  carbon  atom  can  overlap 
the  p  orbital  on  either  side  of  the  carbon  atom,  all  six  orbitals  will  be 
parallel  and  can  form  three  polycentric  molecular  x  orbitals.  Each 
polycentric  molecular  orbital,  accommodating  a  pair  of  electrons, 
encompasses  all  six  carbon  nuclei,  with  a  nodal  plane  coinciding  wit  i 
the  plane  of  the  ring,  while  two  have  each  an  additional  nodal  plane 
perpendicular  to  the  plane  of  the  ring.  Such  a  structure  cannot  e 
diagrammed  by  valence-bond  structures,  so  recourse  is  made  to  repre¬ 
sent  it  as  a  composite  of  the  two  Kekule  structures.2 

Instead  of  the  p  orbitals  at  the  carbon  atoms  of  benzene  overlapp  g 
to  form  a  set  of  three  molecular  orbitals,  as  is  designated  by  a  Keai  e 

1  A.  Lapworth  conceived  the  Pos^1^  pearly  M^lSoiTbut  his  ideas 
dynamic  benzene  structure  proposed  by  kekulS,  as  early 

were  not  clearly  defined  [J.  them.  Soc.,  9,  between  structural  formulas  to 

*  Double-headed  arrows  <-» ;  have  been  between  the 

indicate  resonating  structures,  bu ;  m  tha >  book  inference  that  there  is  a 

structures.  This  practice  is  made  to  avoid  the  pos  ^  ^  the  impiication 

which  is  a  smeared-out,  or  mental  composite, 
electron  structure  of  the  various  forms  given. 
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structure,  they  may  overlap  to  form  two  molecular  orbitals  on  opposite 
sides  of  the  ring,  leaving  a  single  electron  in  the  p  orbital  at  each  of  the 
other  two  carbon  atoms.  This  condition  can  be  repiesented  as 


Even  then,  there  could  conceivably  be  a  very  small  interaction  between 
the  two  atomic  p  orbitals  to  form  an  extremely  weak  molecular  orbital. 
This  condition  would  be  equivalent  to  the  Dewar3  structures 


However,  the  interaction  between  the  two  distant  carbon  atoms  would 
be  too  small  to  be  considered  a  bond,  and  for  reasons  that  will  be 
discussed  in  Sec.  8.3,  the  Kekule  forms  represent  a  far  more  stable 
structure  than  these  Dewar  forms.  Nevertheless,  when  considering 
all  possible  electron  configurations  of  the  benzene  ring,  including 
those  that  have  only  small  significance,  these  forms  with  the  single 
electrons  in  para  carbon  atoms  will  be  called  Dewar  structures. 

On  the  other  hand,  the  electron  pair  in  one  of  the  three  dicentric 
molecular  orbitals  of  a  Kekule  structure  may  use  instead  the  p  atomic 
orbital  at  one  carbon  atom,  leaving  an  open  p  atomic  orbital  on  the 
adjacent  carbon  atom.  Since  the  electron  pair  now  encompasses  only 
one  nucleus  instead  of  two,  thereby  losing  a  certain  amount  of  electro¬ 
static  energy,  the  structure  is  less  stable  than  that  of  a  Kekul6  struc¬ 
ture.  There  is  now  a  higher  electron  density  about  the  carbon  atom 
with  the  filled  p  orbital,  and  a  diminished  electron  density  about  the 
carbon  atom  with  the  vacant  p  orbital.  Accordingly,  such  a  structure 
is  diagrammed  by  a  valence-bond  structure  as 


Since  both  carbon  atoms  have  an  equal  chance  of  being  the  one  with 
the  filled  p  orbital,  two  indistinguishable  structures  are  possible. 

+ 

+ 

J.  Dewar,  Proc.  Roy.  Soc.  Edinburgh,  6,  82  (1867). 
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These  are  referred  to  as  ortho  ionic,  or  polar,  structures  of  benzene. 
By  migration  of  an  electron  pair  from  one  of  the  double  bonds,  there 
can  be  produced  a  para  ionic  structure. 


+ 


Consequently,  two  para  ionic  structures  are  possible  for  a  given  pair 
of  para-carbon  atoms. 


These  structures  are  less  stable  than  the  Kekule  structures,  and  there¬ 
fore  make  only  a  small  contribution  to  the  actual  structure  of  benzene. 
That  is  to  say  that  the  prevailing  structure  of  benzene  more  nearly 
resembles  a  Kekule  structure  than  one  of  these  ionic  structures. 


More  will  be  said  presently  about  this  point. 

The  possibility  for  various  structures  in  which  poly  centric  and 
dicentric  molecular  orbitals  and  atomic  orbitals  are  occupied  gives 
rise  to  the  phenomenon  called  resonance.  In  the  terminology  familiar 
to  most  organic  chemists,  resonance  may  be  defined  as  a  circumstance 
existing  whenever  it  is  possible  to  write  two  or  more  reasonable  electron 
configurations  for  a  molecule  by  merely  altering  the  positions  of  the 
electrons;  the  molecule  is  said  to  have  no  one  of  the  possible  structures 
but  some  composite  of  them  all.  It  can  be  seen  that  if  one  structure 
of  a  molecule  is  much  more  stable  than  the  other  alternatives  the 
molecule  will  exist  essentially  as  represented  by  the  prominently  sta  e 
structure.  On  the  other  hand,  if  the  various  possible  structures  are 
nearly  equivalent,  they  have  equal  possibility  of  representing  the 
molecule,  and  the  actual  structure  will  be  some  composite  of  them 
all  Obviously,  the  more  stable  a  formula  that  is  conceived  for 
molecule,  the  more  closely  does  that  formula  resemble  the  true  struc- 

ture  of  the  molecule. 


8.2  Persistence  of  structure  of  resonating  molecules 

Hydrolysis  of  the  triosonide  resulting  from  the  ozonylsis  of  o-xylene 
yields  glyoxal,  methylglyoxal,  and  diacetyl  in  a  molar  ratio  of  3.2.1, 

respectively. 
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This  ratio  would  be  expected  if  there  were  a  dynamic  equilibrium 
between  I  and  II,  as  Kekule  originally  postulated,  or  if  o-xylene  were 
an  equilibrium  mixture  of  I  and  II.  Failure  to  isolate  or  even  detect 
isomers  of  o-xylene  makes  it  unlikely  that  two  types  of  molecules  are 
present,  but  does  not  eliminate  the  possibility  of  Kekul^’s  suggestion 
that  o-xylene  has  structure  I  half  of  the  time  and  structure  II  the 
remainder  of  the  time.  It  should  be  pointed  out  here  that  ozonolysis 
of  other  benzene  derivatives4  leads  to  the  same  conclusions  about  the 
structure  of  their  aromatic  nuclei. 


Evidence  for  persistence  of  a  single  structure  of  the  aromatic 
nucleus,  the  idea  which  is  conveyed  in  the  concept  of  resonance,  rather 
than  the  dynamic  structure  proposed  by  Kekule,  comes  from  data 
gathered  in  the  twentieth  century.  Electron  and  x-ray  diffraction 
data  reveal  that  the  carbon-carbon  bond  distances  of  the  aromatic 
ring  are  all  the  same— intermediate  between  a  single-bond  and  a 
double-bond  distance.5  Also,  from  Raman  spectral  measurements,  it 


4  N.  Campbell,  Ann.  Repts.  Chetn.  Soc.  London,  44,  127  (1947). 

•  6iT?e  j1S!fnce  (1‘39  A)  is  nearer  the  double-bond  (1.32  A)  length  than  the 

single  bond.  }  lGn6th  bGCaUSe  &  d°Uble  b°nd  iS  harder  to  distort  than  is  a 
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is  found  that  the  nuclear  carbon-carbon  bond  force  constants  (the 
force  required  to  stretch  a  bond  a  unit  distance;  see  Sec.  9.3)  are  all 
the  same;  again,  it  is  between  the  values  characteristic  of  single  and 
double  bonds.  Added  to  the  fact  that  aromatic  nuclei  do  not  undergo 
typical  olefinic  reactions  such  as  addition,  easy  oxidation,  and  poly¬ 
merization,  these  data  indicate  that  the  nuclear  carbon-carbon  bonds 
are  identical  and  are  not  normal  single  or  double  bonds,  but  inter¬ 
mediate  between  the  two.  That  is,  the  aromatic  nucleus  has  a  struc¬ 
ture  that  can  be  called  a  composite  of  the  two  Kekule  structures,  but 
neither  one  nor  both. 

The  idea  to  be  emphasized  here  is  that  the  structure  of  the  aromatic 
nucleus  is  a  composite  of  the  Kekule,  the  ionic,  the  Dewar  forms,  plus 
any  other  reasonable  structures  that  can  be  conceived.  For  elucida¬ 
tion,  Wheland  has  drawn  an  analogy  with  the  mule.  The  mule  is  a 
hybrid  of  a  donkey  and  a  horse,  and  although  it  has  characteristics 
resembling  the  horse  and  the  donkey,  it  has  a  distinct  identity.  It  is 
obvious  that  a  given  mule  is  not  a  horse  part  of  the  time  and  a  donkey 
the  rest  of  the  time,  nor  are  some  mules  horses  and  some  mules  don¬ 
keys.  Thus  all  mules  are  the  same  hybrid  species,  and  in  a  similar 
sense,  the  actual  structures  of  benzene  molecules  are  identical,  being 
a  resonance  hybrid  of  several  possible  valence-bond  structures.  With 
this  conception,  it  is  possible  to  avoid  two  erroneous  viewpoints  about 
resonance.  One  is  that  benzene  is  a  mixture  of  different  insepaiable 
molecules  having  the  Kekule  structures,  and  the  second  is  that  the 
structure  of  benzene  is  oscillating  among  the  various  possible  struc¬ 
tures.  Both  of  these  interpretations  are  easy  to  adopt  but  neither  is 
correct;  instead,  once  more,  the  aromatic  nucleus  has  a  stiuctuie  'which 
is  a  hybrid  of  the  Kekule,  the  ionic,  and  the  Dewai  foims. 

Essentially,  the  need  for  the  concept  of  resonance  arises  from  the 
fact  that  conventional  valence-bond  structures  are  inadequate  to 
describe  certain  molecules.  Thus,  a  Kekul6  structure  of  benzene  does 
not  account  for  the  bond  distances,  heat  of  formation,  absorption 
spectrum,  chemical  properties,  nor  other  physical  properties  of  benzene. 
No  single  electron  structure  will  do  this,  so  that  various  possible  forms 
are  considered  with  their  respective  weightings.  Then  the  molecu  e 
is  held  as  a  mental  composite  image  of  the  alternate  structures.  Its 
true  nature  resembles  each  of  the  alternate  structures  in  proportion 


to  the  contribution  of  each. 

Probably  the  idea  of  the  persistence  of  the  structure  of  resonating 
molecules  will  be  grasped  more  strongly  if  another  illustration  is 
considered  As  a  result  of  sp*  hybridisation  of  the  carbon  atomic 
orbitals  in  the  carboxylate  ion  RCOO",  the  carbon  atom  forms  three 
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<r-type  molecular  orbitals  with  the  two  oxygen  atoms  and  the  carbon 
of  the  R  group.  As  such,  the  carbon  bond  angles  will  be  120  and  the 
ion  will  be  planar.  Each  oxygen  atom  contributes  one  of  its  six  valence 
electrons  to  these  bonds,  so  there  remain  five  electrons  at  each  oxygen 
atom;  two  are  in  the  2s  orbitals,  two  in  a  second  2 p  orbital,  and  one 
in  the  third  2p  orbital.  Since  one  oxygen  atom  acquired  an  electron 
in  the  dissociation  of  the  proton,  its  third  2 p  orbital  is  filled,  but  there 
remains  a  2p  atomic  orbital  at  the  other  oxygen  atom  and  one  at  the 
carbon  atom,  each  containing  one  electron.  These  two  p  orbitals  can 
overlap  to  form  a  molecular  tt  orbital,  whence  the  condition  is  repre¬ 
sented  by  Ilia,  or  in  valence-bond  structure  by  Illb. 


On  the  other  hand,  instead  of  the  carbon  and  the  neutral  oxygen  atoms 
forming  molecular  ir  orbitals,  the  pair  of  electrons  formerly  n  this 
molecular  orbital  may  occupy  only  the  atomic  orbital  at  the  neutral 
oxygen  atom.  This  leaves  an  open  2 p  atomic  orbital  at  the  carbon 
atom,  which  may  overlap  one  of  the  filled  2 p  atomic  orbitals  at  the 
negatively  charged  oxygen  atom  to  form  a  molecular  7 r  orbital.  The 
electron  pair  occupying  the  latter  oxygen  atomic  orbital  may  now 
occupy  the  molecular  orbital;  this  condition  can  be  indicated  as  IVa, 
and  in  valence-bond  structures  as  IVb. 


It  can  be  seen  that  structures  III  and  IV  are  perfectly  equivalent 
and  are  more  stable  than  the  structure  where  only  atomic  orbitals  are 
used,  because  the  r  orbitals  permit  an  electron  pair  to  encompass  two 
nuclei  instead  of  only  one.  Inasmuch  as  the  p  orbital  of  carbon  can 
overlap  the  p  orbital  of  either  oxygen  atom  equally  well,  molecular 
orbitals  can  be  formed  encompassing  all  three  nuclei.  Two  such 
tncentric  molecular  orbitals  are  possible,  each  accommodating  a  pair 
of  electrons. 
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This  tricentric  state  V  is  even  more  stable  than  are  the  dicentric  states 
III  and  IV,  and  as  such  it  more  closely  approximates  the  true  structure 
of  the  carboxylate  ion.  Since  it  cannot  be  conveniently  represented 
by  a  conventional  valence-bond  structure,  an  alternate  symbolism  is 
used  by  saying  that  the  structure  of  the  carboxylate  ion  is  a  resonance 
hybrid  of  forms  III  and  IV;  that  is,  VI. 


0  0 

/  / 

R— C  ,  R— C 

\-  \ 

0  0 


VI 


It  is  clear  that  there  is  no  oscillation  between  the  two  forms  of  VI,  but 
that  the  carboxylate  ion  has  a  structure  intermediate  between  the  two 
forms,  which  is  not  representable  by  a  single  valence-bond  structure.6 

Resonance  of  the  undissociated  carboxylic  acid  is  less  than  that 
of  the  ion,  although  the  opportunity  for  overlapping  of  p  orbitals 
might  appear  at  first  glance  to  be  the  same. 


However,  in  the  acid  form  there  are  two  factors  which  reduce  the 
chance  of  a  p  orbital  at  the  hydroxyl  oxygen  atom  overlapping  that 
at  the  carbon  atom.  First,  the  hydroxyl-oxygen  atom  shares  an 
electron  pair  with  the  proton  to  reduce  the  electron  density  about  this 
oxygen  atom  below  that  of  the  other  oxygen  atom.  Consequently,  t  e 
hydroxyl-oxygen  atom  is  less  able  to  contribute  electrons  to  a  tt  molecu¬ 
lar  orbital.  Moreover,  it  only  has  one  2 p  orbital  that  can  over  ap 

ionization  [J.  T.  Edsall,  J.  Chen.  Phys.,  5,  508  (1.3- )|.  «  ■ 
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the  2v  orbital  of  carbon,  whereas  the  other  oxygen  atom,  with  two  2p 
orbitals  not  tied  up  in  bond  formation,  has  a  twofold  chance  of  having 
one  in  a  position  to  overlap  that  of  carbon.  Nevertheless,  if  the  fourth 
valence  electron  of  carbon  were  to  pair  up  with  the  odd  electron  of  the 
nonhydroxyl  oxygen  atom  and  to  use  the  oxygen  2 p  atomic  orbital, 
thus  making  available  an  open  2V  orbital  at  carbon,  the  electron  pair 
in  the  2 p  orbital  at  the  hydroxyl-oxygen  atom  could  overlap  it  and 
'form  a  molecular  orbital  around  this  oxygen  atom  and  the  carbon 
atom.  Therefore  the  electron  density  about  this  oxygen  atom  is 
decreased,  and  is  increased  about  the  other  oxygen  atom.  Such  a 
structure  is  designated  Vila,  and  by  valence-bond  structure  Vllb 


Vila  Vllb 


The  alternative  structure 

O 

✓ 

R— C 

\ 

0— H 

is  more  stable  (Sec.  8.3),  and  so  much  so  that  there  is  only  a  small 
tendency  to  form  the  tricentric  molecular  orbital  as  in  the  ion.  Con¬ 
sequently,  the  structure  of  the  carboxyl  group  can  be  considered  to  be  a 
resonance  hybrid  of  forms  Villa,  and  VUIb  with  only  a  small  resem¬ 
blance  to  VUIb. 
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R— C 


\ 

0— H, 
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/ 

R— C 
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0— H 


Villa  VUIb 


An  excellent  analogy  of  the  above  concepts  is  found  in  the  con¬ 
sideration  of  the  pedigree  of  a  dog.7  For  example,  if  one  of  the  parents 
of  a  given  dog  A  is  a  full-breed  dachshund,  and  one  is  a  full-breed 
greyhound,  then  A  is  exactly  a  half-breed  of  each,  and  will  resemble 
each  parent  in  certain  of  its  appearances.  If  now  A  has  an  offspring 
R,  whose  other  parent  is  again  a  greyhound,  B  is  3/4  greyhound  and 
7  G.  W.  Wheland,  Advanced  Organic  Chemistry,  Wiley,  New  York,  1950,  p.  404. 
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1/4  dachshund.  It  is  easy  to  imagine  from  this  that  various  dogs  may 
be  of  any  fractional  breed  between  these  two  types  of  full-breeds. 
Moreover,  one  that  is  15/16  dachshund  may  not  be  distinguishable 
Irom  a  full-breed  dachshund,  and  for  practical  purposes  can  be  con¬ 
sidered  so.  In  a  similar  sense,  a  molecule  which  resonates  between 
two  structures  may  be  considered  to  be  a  hybrid  of  each,  and  the  two 
structures  may  or  may  not  make  equal  contributions  to  the  resonance 
hybrid.  The  more  unequal  the  contributions  from  the  two  structures, 
the  more  will  the  molecule  resemble  the  one  making  the  greater  con¬ 
tribution,  and  where  the  contribution  from  one  structure  far  outweighs 
that  from  the  other  structure,  the  most  important  structure  is  a  fairly 
good  description  of  the  molecule.  Furthermore,  a  dog  can  be  a 
decendant  of  more  than  two  breeds;  say  for  example,  1/16  greyhound, 
3/16  dachshund,  1/8  Airedale,  3/8  collie,  and  1/4  bloodhound,  and 
the  mongrel  may  have  certain  features  that  resemble  each  full-breed. 
It  would  have  a  distinct  identity,  however,  and  not  be  a  full-breed 
greyhound  1/16  of  the  time,  a  dachshund  3/16  of  the  time,  an  Airedale 
1/8  of  the  time,  and  so  on.  In  an  analogous  manner,  the  actual 
structure  of  a  molecule  may  be  a  resonance  hybrid  of  two  or  more 
molecular  structures,  from  which  equal,  or  unequal,  contributions  may 
be  made. 

From  what  has  been  said,  it  should  be  clear  that  resonance  conveys 
the  idea  of  a  fixed  structure;  that  is,  within  a  certain  time  interval, 
say  about  10~13  second,8  which  is  a  composite  of  several  possible 
valence-bond  structures.  Resonance  differs  from  tautomerism,  there¬ 
fore,  in  the  fact  that  the  atomic  nuclei  of  tautomers  are  in  different 
positions,  the  two  forms  being  isolable  in  many  cases,  while  the  atomic 
positions  vary  only  a  few  tenths  of  an  angstrom  in  the  case  of  resonating 
structures.  For  example,  the  bond  between  two  given  carbon  atoms 


8  This  period  is  obtained  from  the  uncertainty  principle  which  states,  in  effect, 
that  the  product  of  the  minimum  resolution  in  energy  and  time  is  equal  to,  or 
greater  than,  Planck’s  constant,  h. 

AEAT  >  h 


Accordingly,  if  it  is  assumed  that  the  potential  energies  of  molecules  are  known  to 
within  1  kcal,  or  7  X  10-14  erg/mole,  the  time  interval  within  which  a  given  mole¬ 
cule  will  assume  an  assigned  structure  is  h/7  X  10  1  —10  secon  .  . 

It  is  generally  accepted  that  the  configuration  of  the  ammonia  molecule 
a  trigonal  pyramid,  and  that  with  small  excitations  the  molecule  undergoes  an 
inversion  by  the  nitrogen  atom  passing  through  the  plane  of  the  hydrogen  atoms. 
The  time  for  this  inversion  has  been  estimated  to  be  10  11  second,  requiring  a 
energy  of  6  kcal.  In  comparison,  the  energies  for  inversion  of  phosphine  and  arsine 
are  approximately  18  and  45  kcal,  respectively  (C.  C  .Costain  and  G. .  B LB  M- 
Sutherland,  presented  during  the  Symposium  on  Bond  Strengths  at  the  New 
meeting  of  the  American  Chemical  Society,  1951). 
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of  the  two  Kekule  structures  of  the  aromatic  nucleus  is  a  double  bond 
in  one  form  and  a  single  bond  in  the  other.  If  it  were  a  double  bond 
it  would  have  a  length  of  1.32  A,  and  of  1.54  A  if  it  were  a  single  bond. 
Thus  the  two  extremes  differ  by  only  0.22  A.  In  the  carboxylate 
ion,  a  given  carbon-oxygen  bond  is  a  single  bond  in  one  form  and  a 
double  bond  in  the  other;  hence  the  two  distances  differ  again  by  only 
1.43  —  1.21  A  =  0.22  A.  On  the  other  hand,  the  two  positions  of  a 
proton  in,  for  example,  the  structures  resulting  from  1,3-tautomerism, 
are  separated  by  two  bond  lengths,  or  almost  3  A.  luithermoie,  it 
is  well  established  that  two  tautomers  may  coexist  in  solution  and 
are  sometimes  isolable.  For  instance,  the  keto  and  enol  forms  of  IX 
have  been  isolated  and  undergo  a  transition  to  the  other  form  only 
upon  vigorous  catalysis.9 


CH3 


CHS 


8.3  Generalizations  for  postulating  resonance  structures 

8.3a.  The  conditions  for  resonance.  A  single  structure  is 
ordinarily  sufficient  to  represent  a  molecule  such  as  ethanol,  for  which 
a  valence-bond  structure  can  be  worked  out  by  the  classical  methods 
of  structural  organic  chemistry.  On  the  other  hand,  resonance  among 
two  or  more  structures  must  be  considered  for  molecules  such  as 
o-xylene,  whose  molecular  formulas  indicate  the  presence  of  multiple 
bonds  yet  its  chemical  properties  are  unlike  those  of  unsaturated  com¬ 
pounds.  In  order  that  a  detailed  molecular  orbital  treatment  need 
not  be  given  for  each  of  these  latter  type  molecules,  a  set  of  working 
rules  can  be  developed10  which  will  serve  as  a  guide  for  determining 
both  the  occurrence  of  resonance  and  the  relative  importance  of  possi- 
e  valence-bond  structures  for  a  given  molecule.  These  rules  are 

(194 IT  FUS0U’  J'  ByerS’  and  N'  Rabiohn’  J ■  Chem.  Soc..  63.  2639 
10  G.  W.  Wheland,  The  Theory  of  Resonance,  Wiley,  New  York,  1944,  p.  414. 
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convenient  because  they  are  in  terms  of  conventional  chemical  symbols 
that  are  familiar  to  all  organic  chemists. 

1.  Resonance  can  occur  only  between  structures  that  correspond  to 
very  neatly  the  same  relative  positions  of  all  atomic  nuclei.  For  example, 
there  can  not  be  resonance  between  structures  X  and  XI,  because 
these  differ  in  the  positions  of  chlorine  and  hydrogen  atoms. 


H  H  H 

I  I  I 

H— C— C— C— Cl 

I  I  I 

H  H  H 
X 


H  H  H 

I  I  I 

H— C— C— C— H 

I  I  I 

H  Cl  H 
XI 


It  is  quite  evident  that  this  is  a  necessary  condition,  for  without  it 
occurrence  of  isomerism  would  be  impossible.  That  is,  the  fact  that 
both  n-propyl  chloride  and  isopropyl  chloride  are  isolable  cannot  be 
reconciled  with  the  concept  of  resonance,  which  would  require  only  a 
single  propyl  chloride  to  exist,  having  a  structure  intermediate  between 
X  and  XI. 

2.  Structures  contributing  to  the  resonance  of  a  molecule  are  inter¬ 
convertible  by  one,  or  a  series,  of  short  electron  shifts.  In  a  practical 
sense,  all  cases  for  which  resonance  has  any  significance  will  be  for 
compounds  containing  one  or  more  multiple  bonds.  For  those  com¬ 
pounds  in  which  the  multiple  bonds  are  not  conjugated,  a  shared  pair 
of  electrons  will  migrate  to  become  associated  with  only  one  of  the 
atoms.  For  example,  in  1,4-hexadiene,  one  of  the  electron  pairs  in 
either  double  bond  shifts  to  encompass  only  one  of  the  carbon  atoms. 
This  causes  an  increase  in  electron  density  at  that  carbon  atom  by  a 
unit  charge  and  a  corresponding  decrease  at  the  other  carbon  atom. 

CH2=CH— CH2— CH=CH—  CH3  ,  CH2— CH— CH2— CH=CH— ch3 

V 

Since  the  migration  may  be  in  either  direction,  each  of  the  double- 
bonded  carbon  atoms  may  acquire  a  negative  or  positive  charge,  and 
therefore  several  ionic  structures  are  possible. 


ch2=ch— ch2— ch=ch— ch3 
ch2=ch-ch—  ch=ch— ch3 

CH2=CH — CH2 — CH=CH— CHj 


,  CH2— CH— CH2— CH=CH— CH3 
CH,=CH — CH* — CH— CH  CH* 

CH,=CH— CH,— CH— CH— CH, 


y 
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The  assembly  of  structures  are  therefore  represented 

ch2=ch— CH2— CH=CH— ch3 
+  ± 

CH2 — CH— CH2 — CH=CH— CHj 

+  ± 

CH,  =CH— CH2— CH— CH— CHj 

+  ±  +  ± 

CH2— CH— CH2— CH— CH— CH3 

as  implying  that  there  are  two  ionic  forms  for  the  Ci  C2  bond  and 
two  for  the  C4 — C5  bonds,  the  bonds  being  independent  of  one  another. 
When  the  Ci  carbon  atom  is  negatively  charged,  the  C2  atom  is  posi¬ 
tively  charged,  and  vice  versa. 

This  second  rule  is  concerned  more  with  conjugated  molecules, 
for,  following  an  electron  shift  described  above,  another  type  of  shift 
may  occur  in  conjugated  systems.  In  1,3-hexatriene,  an  electron 
pair  from  the  Ci — C2  double  bond  may  shift  to  either  the  Ci  or  C2 
carbon  atoms  as  above;  also,  an  electron  pair  from  the  C3 — C4  double 
bond  may  shift  over  to  be  shared  by  the  C2 — -C3  atoms,  i.e., 

CH2==CH— CH=CH— CH2—  CHj  ,  CH» — CH=CH — CH — CH2 — CH3 

The  double  shift  may  be  in  the  opposite  direction  too,  so  that  two  such 
forms  are  possible,  being  interconvertible  by  these  short  electron  shifts. 
Therefore  we  have, 

+  ± 

CH2=CH-CH=CH— CH2—  CHj  ,  CH— CH=CH— CH— CH2— CH3 

Additional  examples  should  be  understood  easily. 

+  ± 

,  ch2-ch=ch-ch=ch— ch2 


y>=CH  — CH2 


(CH3)2N— CH=CH — CH=N — (C2H5)2 


CH2=CH— CH=CH— CH  =  CH, 
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It  can  be  seen  that  only  it  and  nonbonding  electron  pairs  have  shifted. 
This  is  due  to  the  fact  that  an  electron  pair  of  a  single  bond  (a  electrons) 
is  held  too  rigidly  by  the  bonded  atoms  to  permit  their  migration. 
For  this  reason,  these  electron  shifts  occur  primarily  when  the  multiple 
and  nonbonding  electron  pairs  are  conjugated. 

3.  Resonating  structures  must  have  the  same  number  of  unpaired 
electrons.  It  is  obvious  that  if  two  structures  possess  different  total 
numbers  of  electrons,  they  represent  two  different  molecular  species 
which  would  have  different  properties,  and  hence  could  not  possibly 
contribute  to  the  same  resonance  hybrid  structure.  There  is  a  possi¬ 
bility,  however,  that  two  structures  may  possess  the  same  number  of 
electrons  but  have  different  numbers  of  unpaired  electrons.  For 
example,  the  so-called  biradicals,  which  will  be  discussed  in  Sec.  8.8b, 
have  two  electrons  whose  spins  are  parallel  and  therefore  cannot  form 
a  covalent  bond.  One  of  these  biradicals,  unusual  in  that  it  is  a  very 
stable  substance,  is  oxygen,  for  which  at  least  the  three  following 


electron  structures  are  conceiv 

able. 

:  0:  :0  : 

:  0  :  0  : 

:  0  :  0 

XV 

XVI 

XVII 

The  distinction  between  XVI  and  XVII  is  a  matter  of  which  2 p  orbital 
at  each  oxygen  atom  accommodates  the  single  electron.  Each  oxygen 
atom  contributes  one  of  its  six  valence  electrons  to  the  formation  of  the 
single  bond  (for  which  it  uses  a  2 p  orbital),  has  two  electrons  in  its 
2s  and  second  2 p  orbitals  each,  and  has  its  sixth  electron  in  the  remain¬ 
ing  2 p  orbital.  Since  both  forms  have  the  same  number  of  unpaired 
electrons,  that  is  two,  they  may  be  in  resonance  with  one  another, 
whereas  XV  has  no  unpaired  electrons  and  so  is  not  in  resonance  with 
XVI  and  XVII.  Indeed,  XV  is  not  reconcilable  with  the  observed 
paramagnetic  property  of  oxygen,  which  reveals  two  unpaired  electrons. 

8.3b.  Relative  stabilities  of  molecular  structures.  Mention 
has  been  made  several  times  of  the  relative  stability  of  structural 
formulas  or  of  the  relative  contribution  of  structures  to  a  resonance 
hybrid.  These  two  points  are  closely  related  and  are  of  importance 
in  connection  with  resonance.  Again,  as  a  guide  when  considering 

this  question,  a  set  of  criteria  may  be  helpful.11 

1.  Bond  formation  increases  the  stability  of  a  molecule,  so  that  the 
greater  the  number  of  bonds  in  a  structure,  the  greater  is  its  stability. 
When  atoms  approach  one  another  within  covalent  bond  distances, 

n  g.  W.  Wheland,  Advanced  Organic  Chemistry,  Wiley,  New  ^  ork,  1950,  pp. 
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unless  their  valence  orbitals  coalesce  and  they  form  bonds,  they  will 
greatly  repel  each  other  and,  of  course,  produce  an  unstable  system. 
Therefore  the  greater  the  number  of  chemical  bonds  within  an  atomic 
aggregate  the  more  stable  will  be  the  grouping.  Moreover,  tables  of 
bond  energies  have  been  compiled,  and  with  their  aid,  a  good  estimate 
may  be  made  of  the  relative  stability  of  resonating  structures. 

2.  A  structure  tends  to  greater  stability  when  it  follows  the  rule  of 
two.12  That  is,  2-,  4-,  or  6-electron  covalent  bonds  are  much  more 
stable  than  1-  or  3-electron  covalent  bonds.  Thus,  although  the 
carbon-carbon  bond  distances  and  force  constants  of  benzene  are  all 
the  same  and  intermediate  between  the  values  of  2-electron  and 
4-electron  bonds,  the  bonds  are  not  regarded  as  3-electron  bonds,  for 
such  bonds  are  too  weak  (~60  kcal)  to  occur  in  the  very  stable  aroma¬ 
tic  nucleus.  In  addition,  any  structure  in  which  hydrogen  has  more 
than  two  electrons  in  its  valence  shell  (Is  orbital),  or  in  which  any 
atom  of  the  first  row  of  the  periodic  table  has  more  than  eight  electrons 
in  its  valence  shell  (2s  plus  2 p  orbitals)  is  too  unstable  to  be  considered 
under  normal  conditions,  for  then  the  far  less  stable,  larger  orbitals 
must  be  used  for  bond  formation.  In  fact,  the  elements  in  the  first 
row  strive  to  have  exactly  eight  valence  electrons;  this  is  commonly 
referred  to  as  Lewis’  octet  rule.  The  valence  electrons  of  the  second- 
row  elements  are  in  the  third  shell,  for  which  the  energy  of  the  3d 
oibitals  does  not  exceed  by  far  that  of  the  3 p  orbitals.  Hence  it  is  not 
uncommon  for  these  elements  to  accommodate  more  than  eight  elec¬ 
trons  in  their  valence  shell. 


Z.  The  separation  of  charges  brings  about  decreased  stability.  The 
stability  of  a  dipolar  structure  is  diminished  by  an  amount  of  energy 
required  to  prevent  coalescence  or  mutual  annihilation  of  the  opposite 
charges.  Hence,  although  the  two  forms  of  a  carboxylic  acid,  VIII 
and  Villa,  possess  the  same  number  of  bonds,  Villa  is  the  less  stable. 
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0— H 


0— H 


New  York,  1946. 
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(increasing  stability)  is  augmented  by  electrostatic  energy  and  the 
contribution  is  greater,  the  closer  are  the  unlike  charges.  All  of  this 
to  say  that  the  farther  apart  the  charges  in  these  charge-separation 
structures,  the  smaller  is  their  stability.  Therefore,  of  the  ionic  forms 
for  butadiene,  XVIIIb  are  the  least  stable. 

ch2=ch— ch=ch2  ch2=ch— ch— ch2  ch2— ch=ch— ch2 

XVIII  XVIIIa  XVIIIb 


4.  Structures  involving  formal  charges  are  the  most  stable  when  the 
negative  charges  occur  on  the  most  electronegative  atoms,  and  the  positive 
charges  on  the  least  electronegative  atoms.  For  a  ketone  R2C=0,  ionic 
form  XlXa  is  much  more  stable  than  is  XlXb,  because  in  the  former 
the  negative  charge  is  on  the  more  electronegative  atom,  oxygen. 

+  —  —  + 
r2c=o,  r2c— 0,  R2C— 0 

XIX  XlXa  XlXb 


Hence  XlXa  makes  a  larger  contribution  than  XlXb  to  the  resonance 
hybrid  structure  of  a  ketone ;  this  is  supported  by  experimental  dipole 
moment  evidence,  which  shows  the  dipole  to  be  directed  (negative 
pole)  toward  the  oxygen  atom. 

These  rules  are  only  qualitative,  and  sometimes  when  they  conflict, 
an  unequivocal  decision  cannot  be  reached  concerning  the  relative 
stabilities  of  two  or  more  structures.  For  example,  the  predominant 
electron  structures  of  phenylisonitrile  are  probably  of  the  foim  XXa 
and  XXb 


XXa 


Form  XXb  is  expected  to  be  the  more  stable  because  of  the  rules 
concerning  the  number  of  bonds  and  the  octet  rule,  while  it  is  also 
expected  to  be  the  least  stable  because  of  the  rule  about  formal  charges 
and  charge  separation.  It  can  be  decided,  however  from  dipole 
moment  measurements  that  XXb  makes  the  larger  contribution  to  the 
resonance  hybrid,  for  the  molecule  has  a  large  dipole  moment  (3.5 D) 

directed  toward  the  carbon  atom.  ,  , 

The  actual  structure  of  a  molecule  resembles  more  closely  that 

of  the  most  stable  valence  bond  structure,  and  an  index  o  the  relat  e 
importance  of  resonance  structures  is  their  relative  stabilities  T1  u 
although  a  number  of  ionic  structures  can  be  given  for  benzene, 
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actual  structure  more  closely  resembles  the  two  Kekul6  structures, 
since  they  are  much  more  stable  than  the  ionic  structures.  Further¬ 
more,  the  more  nearly  equal  in  stability  are  two  or  more  possible 
structures  of  a  molecule,  the  more  the  actual  structure  becomes  a 
hybrid  of  the  nearly  equivalent  forms.  That  is,  the  greater  the 
equivalency  of  the  structures,  the  more  equally  is  it  possible  for  them 
to  each  represent  the  molecule  and  the  more  so  must  the  actual  struc¬ 
ture  resemble  them  all.  Therefore  the  greater  the  number  of  nearly 
equivalent  valence-bond  structures,  the  greater  is  the  resonance  for  a 
molecule. 


Supplementary  Reading 

1.  G.  W.  Wheland,  The  Theory  of  Resonance,  Wiley,  New  York,  1944,  Chap.  1. 

2.  G.  W.  Wheland,  Advanced  Organic  Chemistry,  Wiley,  New  York,  1950,  Chap. 
10. 

3.  L.  Pauling,  Advanced  Organic  Chemistry,  Vol.  II,  edited  by  H.  Gilman,  Wiley, 
New  York,  1943,  pp.  1961-1983. 


8.4  Resonance  energies 

It  has  already  been  shown  (Sec.  2.4g)  that  polycentric  rather  than 
dicentric  molecular  orbitals  are  formed  in  conjugated  molecules, 
wherein  a  pair  of  electrons  encompasses  several  nuclei  instead  of  just 
two,  and  the  molecule  acquires  additional  electrostatic  stabilization. 
The  difference  in  the  polycentric  state  and  that  of  the  most  stable 
dicentric  state  can  be  considered,  then,  as  the  stabilization  due  to 
resonance,  or  the  resonance  energy.  Now  in  terms  of  conventional 
chemical  symbolism,  the  resonance  energy  can  be  defined  as  the  dif¬ 
ference  in  the  actual  or  experimental  heat  of  formation  of  a  compound 
and  that  calculated  from  tabulated  bond  energies  for  its  most  stable 
valence-bond  structure.  For  example,  from  the  bond  energies  listed 

in  Table  2.5  of  Sec.  2.6,  the  calculated  heat  of  formation  of  one  of  the 
Kekule  structures  of  benzene  is 

A//cmc  =  6(C— H)  +  3(C — C)  +  3(C=C) 

=  6(98.2)  +  3(80)  +  3(145)  =  1264.2  kcal 

fTlX“  heat  °f  COmbU5ti0n  0f  is  797  ^  so  that 

C6H6  +  7^0 2  =  6COo  +  3H20  +  797  kcal 
the  heat  of  formation  of  benzene  is  found  to  be 

-7^46.2)  +  6(410.7)  +  3(244.9)  -  797  =  1305.4  kcal 
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The  difference  1305.4  —  1264.2  =  41.2  kcal/mole,  is  the  resonance 
energy  of  benzene,  inasmuch  as  it  represents  the  amount  by  which  the 
molecule  is  actually  more  stable  than  it  would  be  if  it  had  either 
Kekule  structure.  However,  there  is  a  large  uncertainty  in  the 
accuracy  of  this  value,  for  it  is  the  difference  between  two  large  values, 
and  any  errors  in  the  large  values  are  absorbed  in  the  resonance 
energy.  For  instance,  if  the  error  in  the  experimental  determination 
of  the  heat  of  combustion  were  0.15  per  cent,  or  about  1  kcal,  the  error 
in  the  resonance  energy  of  benzene  would  be  about  2.5  per  cent.  An 
error  of  1  kcal,  of  course,  would  be  a  much  larger  per  cent  error  for 
compounds  such  as  the  polyenes,  whose  resonance  energies  are  small. 

An  alternative  method  of  determining  resonance  energies,  intro¬ 
duced  by  Kistiakowsky  and  his  collaborators,13  has  been  the  measure¬ 
ment  of  heats  of  hydrogenation.  The  heat  of  hydrogenation  of  an 
olefin  is  the  heat  of  the  reaction 

H  H 

I  I 

R2C  =  CR2  +  H— H  -►  R2C-CR2 

in  which  one  H— H  bond  and  a  C=C  tt  bond  are  broken,  and  two  C— H 
bonds  are  formed.  Thfe  heat  of  the  reaction  should  therefoie  be 


A  H  —  2iEc—¥l  —  ECtC  Eh-b. 

where  EC- h,  £h_h,  and  ECrC  are  the  energies  of  the  C— H  bond,  the 

H _ H  bond  and  the  carbon-carbon  r  bond,  respectively.  The  latter 

is  the  difference  between  the  C=C  and  C-C  bond  energies,  or  145  - 
80  =  65  kcal.  It  might  be  supposed  then,  that  the  heat  of  hydrogena¬ 
tion  of  all  isolated  (unconjugated)  olefinic  bonds  would  be  the  same. 
If  the  double  bond  is  conjugated  with  another  multiple  bond,  the 
molecule  will  be  stabilized  by  a  certain  amount  of  resonance  energy 
which  will  be  lost  in  the  hydrogenation.  The  heat  of  hydrogenation 

will  then  be 

A  H  =  2Ec-b  —  Ecrc  —  En-n  —  Er 

where  E *  is  the  resonance  energy.  It  can  be  seen  that  the  heat  of 
hydrogenation  is  smaller  than  that  of  a  similar  unconjugated  ole 
bv  an  amount  equal  to  the  resonance  energy  of  the  conjugated  mole¬ 
cule  “suggests  a  method,  then,  of  determining  the  res— 
energies  of  conjugated  molecules.  In  order  that  other  effects  such  as 
jteric  hindrance  and  entropy  changes  may  cancel,  comparisons  need 

u  J.  B.  Conant  and  G.  B.  Kistiakowsky  Chem.  Revs.,  20,  181  (1937);  R.  B. 
Williams,  J.  Am ,  Chem.  Soc.,  64,  1395  (1942). 
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to  be  made  with  similarly  substituted  C=C  bonds.  Ihus  the  heat 
of  hydrogenation  of  1-pentene,  30.3  kcal  (Table  8.1)  differs  from  that 
of  2-pentene,  28  kcal,  but  since  the  two  double  bonds  of  1,4-pentadiene 
are  identical  to  that  of  1-pentene,  the  heat  of  complete  hydrogenation 
of  1,4-pentadiene  should  be  (and  is)  twice  that  of  1-pentene.  Simi¬ 
larly,  in  the  absence  of  resonance,  the  value  to  be  expected  for 
1,3-pentadiene  would  be  30.3  kcal  for  the  terminal  double  bond,  plus 
28  kcal  for  the  inner  double  bond  (the  values  of  1-pentene  and  2-pen¬ 
tene,  respectively),  or  a  total  of  58.3  kcal.  The  observed  value  is 
54.1;  therefore  the  resonance  energy  of  1,3-pentadiene  must  be  58.3  — 
54.1  =  4.2  kcal/mole.  By  the  same  procedure,  the  resonance  energy 
of  1,3-cyclohexadiene  is  found  to  be  2(28.6)  —  55.4  =  1.8  kcal,  and 
that  of  benzene  is  3(28.6)  —  49.8  =  36  kcal.  It  might  be  noted  here 
that  in  the  addition  of  only  one  mole  of  hydrogen,  benzene  is  converted 
to  cyclohexadiene,  and  thereby  the  ring  loses  36  —  1.8  =  34.2  kcal 
of  resonance  energy.  Hydrogenation  of  an  olefinic  bond  can  release 


Table  8.1 


Heats  of  Hydrogenation  of  Some  Hydrocarbons13 


Substance 

A H  (kcal/mole 

Substance 

A H  (kcal/mole) 

Ethylene . 

32.8 

1 . 3-Pen  t.ad  i  pn  p 

ka  1 

Propene . 

30.1 

1  5-ITeYadipnp 

HO 

1-Pentene . 

30.3 

Oyclohevene 

9Q  ft 

2-Pentene . 

28 

1,3-Cyclohexadiene. . 

55.4 

1,4-Pentadiene  .... 

60.6 

Benzene . 

49.8 

no  moie  than  32.8  kcal,  so  that  in  order  to  hydrogenate  benzene  to 
cyclohexadiene,  heat  must  be  supplied,  whereas  heat  is  released  in 
hydrogenation  of  any  of  the  other  compounds  of  Table  8  1  The 
difference  between  the  values  of  the  resonance  energy  of  benzene  as 
determined  from  heats  of  combustion  (41  kcal)  and  heats  of  hydro¬ 
genation  (36  kcal)  indicates  the  semiquantitative  limitations  of 
resonance  energy  values. 


Resonance  energies  have  also  been  computed  through  empirical 
and  quantum  mechanical  methods, which  are  in  reasonable  agreement 
‘  exP«> ‘mental  results.  A  novel  empirical  method  was  developed 

y  y  Franklin15  wherein  the  resonance  energy  is  calculated  from 

fngs“P  sTchaenttS;  the  ’atter  "e  ad<)itiVe  tlmctions  °f  atomic  group- 
rngs.  Such  factors  as  steric  hindrance  and  hyperconjugation  are 

“  York,  1944,  p.  81. 
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Table  8.2 


Resonance  Energies 


Substance 

Experimental 

Group 

equivalent16 

Quantum 

mechanics14 

Benzene . 

36  kcal/mole 
75 

36  kcal/mole 
62 

42  kcal/mole 
84 

Naphthalene . 

Anthracene . 

105 

87 

126 

Biphenyl . 

91 

75 

90 

Stilbene  ( trans ) . 

101 

78 

96 

Styrene . 

51 

37 

48 

1  3  5-Cyeloheptatriene . 

6.7 

Azulene16 . 

46 

Gyr.looctatetraene17 . 

12 

Pyridine . 

43 

Quinoline . 

75 

Pyrrole  . 

24 

27 

Pi  iran  . 

24 

23 

'Thionhene  . 

29 

31 

Ethyl  propionate  . 

24 

Ptlwl  benzoate  . 

79 

Appf.^mirlp  . 

25 

21 

T^pn  v.f\  mi  rlfi  . 

74 

41 

38 

50 

37 

51 

39 

PorKon  mnnnYlHp  . 

58 

33 

29 

47 

32 

54 

37 

93 

24 

67 

60 

16 

7 

automatically  compensated  in  the  summation.  For  comparison 
experimental  resonance  energies,  those  calculated  by  the  met  o  o 
g^oup  equivalents,  and  some  calculated  by  a  quantum  mechamcal 

method  are  listed  in  Table  8.2. 

i  rsi  f- aXZ  «,  -os 

(1947). 
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1.  G.  W.  Wheland,  The  Theory  of  Resonance,  Wiley,  New  York,  1944,  Chap.  3. 

2.  L.  Pauling  and  G.  W.  Wheland,  J.  Chem.  Phys.,  1,  362  (1933). 

3.  J.  G.  M.  Bremner  and  G.  D.  Thomas,  Trans.  Faraday  Soc.,  44,  338  (1948). 


8.5  Hyper  conjugation 

V< 

In  general,  resonance  need  not  be  considered  for  atomic  groupings 
in  which  there  occur  only  single  bonds,  but  there  are  two  exceptions. 
One  is  the  interaction,  or  conjugation,  of  an  alkyl  group  with  an 
unsaturated  group,  and  the  second  is  a  similar  conjugation  between 
an  unsaturated  group  and  a  three-membered  cyclic  ring,  such  as  a 
cyclopropyl  or  an  epoxy  ring.  Essentially  it  amounts  to  a  resonance 
among  two  or  more  electron  structures,  but  unlike  the  resonance 
previously  described,  where  the  net  effect  is  for  a  pair  of  x  electrons  to 
vacate  a  molecular  orbital  and  occupy  an  atomic  orbital, 

CH2=CH-CH=CH2  ,  CH2— CH=CH— ch2 

hyperconjugation  is,  in  effect,  a  phenomenon  where  a  pair  of  <r  electrons 
from  single  bonds  migrate  to  occupy  an  atomic  orbital.  For  example, 
in  propene,  the  pair  of  electrons  of  a  C — H  bond  of  the  methyl  group 
may  occupy  a  molecular  x  orbital  surrounding  the  C2 — C3  carbon  atoms, 
while  the  x  electrons  of  the  Ci — C2  double  bond  may  shift  to  occupy  a 
2 p  atomic  orbital  at  the  Ci  carbon  atom. 


H  H 

CH2=CHTC— H  ,  CH2— CH=C— -H 
H  H+ 

As  a  result  of  these  electron  shifts,  there  is  an  increase  of  electron 
density  at  the  Ci  carbon  atom,  and  the  hydrogen  atom  becomes  a 
proton.  Similaily  for  cyclic  rings,  in  vinylcyclopropane  for  example, 


ch2=ch-ch 


-GIF 


'CH2 

5 


the  pair  of  <r  electrons  between  the  C3-C,  or  C3-Cs  bonds  may  shift 

while  th  a  T  ™oleculariorbital  ar°und  the  C2-C3  carbon  Items 

occupy  the^Iat  °nS  “Iff  carbon-carbon  double  bond  will  shift  to 
occupy  the  p  atomic  orbital  at  the  C,  carbon  atom,  i.e., 
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CHo — CH=CH 


-CH; 


CH2 


According  to  the  criteria  given  in  Sec.  8.3b,  it  is  easy  to  decide  that 
the  nonpolar  structures  above  are  the  more  stable.  Thus,  as  in  the 
case  of  the  carboxyl  group,  propene  and  vinylcyclopropane  may  be 
considered  to  be  a  resonance  hybrid  of  the  polar  and  nonpolar  forms, 
but  because  of  the  far  greater  stability  of  the  nonpolar  forms,  the 
actual  structures  of  the  molecules  more  nearly  resemble  the  nonpolar 
structures. 

It  has  been  believed  for  some  time  that  a  cyclopropyl  ring  more 
nearly  resembles  an  olefinic  bond  than  an  alkyl  group.  For  instance, 
in  1916,  Robinson18  stated  that  cyclopropane  must  be  unsaturated, 
since  it  adds  HBr  as  do  olefins,  and  one  year  later,  Kohler  and  Conant19 
reported  the  similarity  in  behavior  of  a,|3-unsaturated  carbonyl  com¬ 
pounds  and  the  corresponding  cyclopropyl  carbonyl  compounds 
toward  bases,  HBr,  and  reducing  agents.  Moreover,  the  early  work 
of  Bruhl,20  Tschugaeff,21  and  Zelinsky  and  Zelikow22  indicated  that  the 
molecular  refractions  of  cyclopropyl  derivatives  show  exaltations 
between  those  of  the  corresponding  ethylenic  and  alkyl  derivatives, 
and  in  1918,  Carr  and  Burt23  found  cyclopropyl  derivatives  to  absorb 
ultraviolet  light  in  a  region  between  those  characteristics  of  the  corre¬ 
sponding  ethylenic  and  alkyl  derivatives.  Nevertheless,  not  until 
1935  was  it  suggested  that  the  mobility  of  an  electron  pair  in  a  single 
bond  may  be  sufficient  to  have  a  noticeable  effect  on  the  properties 
of  certain  molecules.  Thus,  to  explain  the  order  of  the  rates  of  reac¬ 
tion  of  alkyl-substituted  benzyl  halides  with  piperidine,  Baker  and 
Nathan24  proposed  that  an  alpha  C — H  bond  of  an  alkyl  group  has  a 
small  ability  to  release  electrons,  as  does  an  unsaturated  group.  The 
rate  of  the  reaction 

H2/C-CH2 

R-/  \-CH2Br  +  HN  CH2  * 

h2c-ch2  _  h2/c-ch2 

R_y  V-CH-— NH  CH,  +  Br" 

H0C-CH2 


18  R.  Robinson, /.  C/iem.  <Soc.,  1042  (1 '!!(>).  uo')  (1917) 

19  E.  P.  Kohler  and  J.  B.  Conant,  J.  Am.  Chem.  Soc.,  39,  140J  (1J17J. 

20  J.  W.  Bruhl,  Ber.,  32,  1222  (1899). 

21  T.  Tschugaeff,  Ber.,  33,  3122  (1900).  on 

22  N.  Zelinsky  and  J.  Zelikow,  Ber  34,  28b,  (UOl). 

..  E.  P.  Carr  and  C.  P.  Burt,  J.  Am  Chem.  Soc  40, 

«  J.  W.  Baker  and  W.  S.  Nathan,  J.  Chem.  Soc.,  1844  (1945). 
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with  various  alkyl  groups  for  R  was  found  to  be  in  the  order 
CH3  >  CH3CH2  >  (CH3)2CH  >  (CH3)3C.  Inasmuch  as  a  methyl 
group  is  more  electronegative  than  a  tert-b\ity\  group,  this  is 
just  the  opposite  order  to  that  expected  on  the  basis  of  the  inductive 
effect  from  these  alkyl  groups,  because  the  reaction  is  one  that  is 
facilitated  by  electron  accession  toward  the  halogen.  Instead,  the 
order  parallels  the  relative  number  of  alpha  C  H  bonds  in  the  alkyl 
group,  and  can  be  attributed  to  the  corresponding  progressively 
increasing  availability  of  an  electron  pair  to  promote  the  anionization 
of  the  bromine  atom. 


This  general  conjugative  ability  of  alkyl  and  three-membered 
cyclic  rings  has  become  well  established  now,  and  is  commonly  called 
hyperconjugation.25  Its  effect  on  the  stability  and  properties  of 
molecules  is  similar  to  that  of  resonance,  although  the  magnitude  is 
much  smaller  than  that  from  resonance,  and  for  this  reason,  hyper¬ 
conjugation  is  sometimes  referred  to  as  a  second-order  resonance.  In 
addition  to  kinetic  studies,26  evidence  for  hyperconjugation  comes  from 
data  gathered  in  measurements  of  (1)  heats  of  hydrogenation,  (2)  bond 
distances,  (3)  dipole  moments,  and  (4)  absorption  spectra.  It  will 
be  of  interest  to  discuss  some  of  the  experimental  results. 

1.  Heats  of  hydrogenation.  The  heats  of  hydrogenation  of  ethylene 
and  1-pentene  are  32.8  and  30.3  kcal/mole,  respectively.  The  dif¬ 
ference,  2.3  kcal,  can  be  attributed  to  a  stabilization  of  1-pentene 
thiough  hyperconjugation  of  the  alpha  methylene  group. 


H 


CH3-  ch2—  C— ch=ch2 


H 

XXIa 


H 


CH3—  CH2—  C=CH— CH 


2  » 


H+ 

XXIb 


H+ 


ch3— ch2—  c=ch— ch2 

I 

H 

XXIc 
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That  is,  the  structure  of  1-pentene  can  be  regarded  as  a  resonance 
hybiid  of  forms  XXIa,  XXlb,  and  XXIc,  and  the  hyperconjugation 
stabilization  is  measured  in  the  same  fashion  as  it  would  be  for  a 
conjugated  diene.  It  is  evident  from  its  heat  of  hydrogenation,  28 
kcal/mole,  that  2-pentene  is  stabilized  by  an  additional  2.3  kcal,  and 
this  is  understandible  when  it  is  realized  that  with  five,  instead 
of  only  two,  alpha  C  H  bonds,  there  is  greater  opportunity  for 
hyper  conjugation. 


H 


H 


CH3-C— CH=CH— C— H  , 


H 

I  - 


H 

I 


CH3— c—  CH— CH=C— H 


and 


H 

H 

H 

H+ 

H 

i 

H 

H 

H 

1 

■C— 

H* 

j 

■C'H^CH— C— H  , 

1 

j 

ch3-c=ch-ch- 

•  • 

-C— H 
I 

1 

H 

H 

H+ 

l 

H 

It  is  noteworthy  that  the  heat  of  hydrogenation  of  the  ethylenic 
bond  in  crotonaldehyde27  is  only  25  kcal.  This  indicates  that  the 
hyperconjugation  is  facilitated  by  the  carbonyl  group,  increasing  the 
contribution  from  the  polar  forms  to  the  resonance  hybrid. 


H 


H 


II— C— CH=CH— C=0  .  , 

I  | 


H 


H 


H— C=CH— CH=C—  0:- 

I  " 

H+  H 


It  would  be  useful  if  the  value  for  acrolein  were  known  also,  so  that  a 
determination  could  be  made  of  the  proportion  of  the  7  kcal  resonance 
energy  of  crotonaldehyde  that  is  due  to  resonance  of  the  a,0-unsatu- 
rated  carbonyl  system. 

C=C — C=0,  C — C=C — 0 


2.  Bond  distances.  The  bond  distance  between  the  methyl  arid 
acetylenic  carbon  atoms  of  dimethylacetylene  is  1.46  A,  which  is 
0.08  A  shorter  than  the  regular  C — C  bond  distance  of  1.54  A.  Ihe 
shortening  can  be  ascribed  to  hyperconjugation  of  the  methyl  group 


with  the  acetylenic  bond 


H  H  H  H 

H — C — C=C — 0 — H  ,  H — C=C=C  C  H 

I  I  1 

H  H  H+  H 


H  H 

H—  C— C=C=C— H 

I  " 

H  H+ 


27  G.  B.  Kistiakowsky  et  al.,  J.  Am.  Chem.  Soc.,  60,  440  (1938). 
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where  the  Cr-C.  bonds  have  gained  a  certain  amount  of  double-bond 
rharac  er  It  will  be  recalled  that  bond  distances  decrease  with 
multiplicity,  so  that  the  order  of  bond  distances ^between 
atoms  is  single  >  double  >  triple.  The  same  HaC-C  bond  d  stanc^ 
are  found  in  other  methylacetylenes  such  as  CH8— O—OH,  on, 

C— C2Hs,  and  CHr-C=C— C=C— CHa. 

3.  Electric  dipole  moments.  The  electric  dipole  moments  of  some 

aldehydes  are  listed  below  for  discussion.2'' 


Substance 

Formaldehyde 

Acetaldehyde 

Propionaldehyde 

n-Butyraldehyde 

Crotonaldehyde 


Dipole  moment 
2.27  D 

2.72 

2.73 
2.72 
3.67 


If  the  marked  difference  between  the  moments  of  formaldehyde  and 
acetaldehyde  were  due  to  the  difference  in  electronegativities  of  the 
hydrogen  atom  and  the  methyl  group,  there  should  be  significant 
differences  between  the  moments  of  the  other  saturated  aldehydes,  for 
there  are  differences  in  the  electronegativities  of  the  respective  alkyl 
groups.  The  fact  that  the  aliphatic  aldehydes  have  the  same  moment 
gives  support  to  the  supposition  that  hyperconjugation  among  such 
forms  as 

H  H 

H— C— C=0,  H — C=C — O 

I  I  I 

H  H  H+  H 


causes  their  moment  to  be  larger  than  that  of  formaldehyde.  The 
observed  shortening  of  the  C — Cc=o  bond  by  0.04  A  provides  additional 
evidence  of  the  double-bond  character  of  this  bond  due  to  the  con¬ 
tribution  of  the  ionic  forms.  Although  there  should  be  at  least  a 
small  increase  in  polar  nature  of  these  aldehydes  over  that  of  formalde¬ 
hyde,  it  cannot  be  said  to  what  extent  the  increase  in  dipole  moment 
is  due  to  an  increase  in  ionic  character  and  what  proportion  is  due  to 
the  larger  separation  of  charges.  It  must  be  recalled  that  the  dipole 
moment  is  the  product  of  the  charge  at  one  pole  and  the  distance 
between  the  poles;  hence  both  the  magnitude  of  the  charge  and  the 
distance  of  charge  separation  affect  the  dipole  moment.  Thus  the 
large  increase  in  moment  in  going  from  the  saturated  aldehydes  to 

crotonaldehyde  can  be  attributed  to  hyperconjugation  among  such 
forms  as 

28  E.  C.  Hurdis  and  C.  P.  Smyth,  J.  Am.  Chem.  Soc.,  65,  89,  1931  (1943) 


168 


Resonance 


AND  ITS  APPLICATIONS 


[8.5 


H 

H — C — CH=CH — C=0 

A  A 


H 

»  R — C=CH — CH=C — 0~ 
H+  H 


where  there  is  a  longer  distance  between  the  charges  in  the  polar  form 
than  for  the  saturated  aldehydes. 

The  dipole  moments  of  isopropyl  and  cyclopentyl  chlorides  are 
practically  the  same. 


H3C 


H3C 


\ 

CH— Cl 

/ 


2.04  D 


H2C—  ch2 

CH— Cl 

/ 

h2c — ch2 

2.0S  D 


These  moments  are  due  primarily  to  the  large  relative  electronega¬ 
tivity  of  the  chlorine  atom,  and  are  directed  along  the  C — Cl  bond. 
On  the  basis  of  induction  then,  the  moment  of  cyclopropyl  chloride 
should  be  about  the  same;  however,  the  value  (1.76Z))29  is  found  to  be 
smaller  by  about  0.3  debyes.  This  can  be  attributed  to  hypercon¬ 
jugation  among  forms  such  as 


H2C 

CH— Cl 
/ 

h2c 


h2c- 

CH=C1+ 

H2C 


h2c 

CH=C1  + 

H2C“ 

•  • 


in  which  the  dipole  of  the  ionic  forms  is  oriented  opposite  to  that 
arising  from  induction.  This  makes  the  observed  moment  smaller 
than  that  which  would  be  observed  from  induction  alone. 

This  hyperconjugation,  which  does  not  take  place  with  the  larger 
cyclic  rings,  is  facilitated  by  the  weak  carbon-carbon  bonds  of  the 
cyclopropyl  ring.  The  C — C — C  bond  angles  are  only  60°,  which 
permits  less  overlap  of  the  hybrid  sp3  atomic  orbitals,  and  consequently 
the  usually  strong  C — C  bond  cannot  be  formed.  The  decrease  in 
bond  strength  is  surprising;  Ogg  and  Priest30  have  found  the  C  C 
bond  energy  of  cyclopropane  to  be  about  50  kcal  less  than  that  of  the 
normal  C — C  bond  energy  (80  kcal). 

In  terms  of  hyperconjugation  then,  the  unsaturated  character  of 
three-membered  rings  can  be  understood.  That  is,  they  tend  to  affect 
chemical  and  physical  properties  of  molecules  as  do  olefinic  or  ketonic 
bonds.  For  instance,  Rogers31  has  found  the  dipole  moments  of 

29  M.  T.  Rogers  and  J.  D.  Roberts,  J.  Am.  Chem.  Soc.,  68,  843  (1946). 

30  R.  A.  Ogg  and  W.  J.  Priest,  J.  Chem.  Phys.,  7,  736  (1939). 

31  M.  T.  Rogers,  J.  Am.  Chem.  Soc.,  69,  2544  (1947). 
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cyclopropyl  ketones  to  be  between  the  moments  of  the  respective 
alkyl  and  vinyl  ketones. 


O 


/CN  /.CH> 


H.C  CH 


\ 


ch3 


2.7  D 


O 


A  /A 


H.C  HQ 


CH, 


2.84/) 


O 

II 

/x 

h3c  ch=ch2 

2.98  D 


Thus  the  dipoles  from  the  ionic  forms  of  the  resonance  of  methyl  vinyl 
ketone 


H3C 

c=o 

h2c=ch 


h3c 


\ 


+  ^ 
HoC— CH 


C— o- 


and  of  methyl  cyclopropyl  ketone, 


H3C 

C=0 

HSC^CH 


CH2 


h3c 

H2c  — CH 
CH2 


h3cx 

+  / 
H25  /CH 

ch2 


for  which  there  are  no  analogous  forms  of  methyl  isopropyl  ketone,  are 
so  oriented  that  they  add  to  the  induction  dipole  moments.  The 
intermediate  value  of  the  moment  of  methyl  cyclopropyl  ketone 
indicates  that  its  ionic  forms  are  less  important  than  are  those  of 
methyl  vinyl  ketone. 

The  effects  from  hyperconjugation  in  a  methyl  group  and  in  a 
cyclopropyl  group  are  about  the  same,  being  perhaps  slightly  larger 
for  the  latter  group.  For  example,  the  moments  of  toluene  and 
phenylcyclopropane  are  OAD  and  0.5D,  respectively,  which  can  be 
attributed  to  the  small  contribution  from  ionic  forms  to  their  actual 
structures 
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4.  Specti  oscopy .  There  is  considerable  spectroscopic  evidence  for 
hyper  conjugation  in  alkyl,  cyclopropyl,  and  epoxy  groups,  but  dis¬ 
cussion  will  be  postponed  until  after  the  theory  and  principles  of 
absorption  have  been  presented  (Chapter  9). 


Supplementary  Reading 

1.  C.  L.  Deasy,  Chem.  Revs.,  36,  145  (1945). 

2.  V.  A.  Crawford,  Quart.  Rev.,  Chem.  Soc.,  London,  3,  226  (1949). 


8.6  Resonance  and  spatial  configuration 

Although  the  positions  of  the  atomic  nuclei  in  resonating  structures 
do  not  differ  by  more  than  a  few  tenths  of  an  angstrom,  resonance  has 
a  marked  influence  upon  the  spatial  configuration  of  molecules.  The 
effect  of  resonance  is  manifested  chiefly  in  bond  distances,  and  planarity 
of  conjugated  systems.  Conversely,  the  knowledge  of  the  structure 
of  a  molecule  can  corroborate  the  postulation  of  certain  resonating 
forms  for  that  molecule. 

If  a  given  bond  is  of  different  orders,  i.e.,  single,  double,  or  triple 
covalent,  in  the  forms  contributing  to  the  resonance  of  a  molecule,  its 
actual  length  is  found  to  be  some  value  intermediate  between  the 
normal  single,  double,  or  triple  bond  distances.  Several  examples  are 
given  on  pages  171  and  172  where  there  appear  the  name,  some  of  the 
resonating  structures,  the  experimental  bond  distances  in  point,  and 
the  normal  bond  distances. 

On  the  basis  of  a  Kekule  resonance  of  pyridine,  the  carbon-nitrogen 
bond  distance  would  be  expected  to  be  nearer  to  the  carbon-nitrogen 
double-bond  distance  (1.28  A)  than  to  the  carbon-nitrogen  single-bond 
distance  (1.47  A).  The  experimental  value  of  1.37  A  indicates  a 
contribution  from  such  ionic  forms  as 


+ 


The  ionic  forms  are  more  important  to  the  resonance  of  pyridine  than 
to  the  resonance  of  benzene,  because  nitrogen  is  more  electronegative 
than  carbon  and  it  accepts  the  negative  charge  more  readily  than 

would  a  carbon  atom  in  its  place  (as  in  benzene). 

For  the  p  atomic  orbitals  on  adjacent  atoms  to  have  the  maximum 
overlap,  they  must  be  parallel.  This  permits  formation  of  a  dicentric 
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171 

Normal  bond 

Name 

Resonating  structures 

"distances  (A) 

Butadiene 

1.46A  , 

/  £  -f. 

C=C  =  1.32 

CH2==CH— CH=CH2  ,  CH,-CH=CH— CH2 

C— C  =  1.54 

Biphenyl 


1.48A 


\ 


/ 


Trans- stilbene 


Graphite 


1.44A 

(VcH  /1-33A 
w 


(In  addition  to  Kekule 
resonance  of  each  ring) 


Each  bond  =  1 .42A 


(Fourth  bond  of  each  carbon 
atom  in  resonance  with  its 
three  neighbors) 


Each  carbon-oxygen  bond  =  1 ,3A 

A- 


-/ 

0 


c=o 


y~0-  . 

0 


°x 


0 


C — 0“ 


C— 0  =  1.43 

C=0  <=  1.21 
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Name 

Resonating  structures 

Normal  bond 
distances  (A) 

Vinyl  chloride 

1.38A  1.69A 
CH2=CH-^C1  , 

CH2— CH=C1 

C— Cl  =  1.78 

C=C  =  1.32 

Chlorobenzene 

Cl 

Cl+  C1+ 

C1+ 

1.69A — 

A  VS 

A- 

0 , 

U1 ,  U  , 

Cyanogen  chloride 

1.63A  + 

Cl— C=N:  ,  C1=C=N: 


Diazomethane 

1.34A 

CH,=St=N:  ,  :CH,— S=N: 


C— N-1.47 
C=N«1.28 


molecular  orbital  and  a  strong  it  bond.  If  there  is  an  adjacent  dicen¬ 
tric  molecular  orbital,  two  tetracentric  molecular  orbitals  may  be 
formed,  provided  that  the  two  dicentric  orbitals  are  coplanar.  (bee 
Fig.  2.16  of  Sec.  2.4g.)  The  same  conditions  must  prevail  it  the 
molecular  orbitals  are  to  encompass  additional  nuclei.  Moreover,  an 
it  is  fairly  easy  to  see,  for  the  maximum  overlap  of  the  p  orbitals,  the 
atomic  nuclei  must  be  coplanar.  Consequently  resonance  for  a 
conjugated  system  will  be  significant  only  when  the  atoms  of  the 
system  are  coplanar.  This  has  been  found  to  be  a  general  principle 
Jhich  is  compatible  with  many  observations  For  e^tnple^  since 

nitrogen  uses  p  orbitals  for  bond  formation,  1 ;  ■ th^ 
bonds  would  form  90°  angles  with  one  another.  Instead,  steric 

22 

otherTaTaromatic  amines  have  planar  configurations,  due  to  the 
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resonance  among  such  forms  as 


It  can  be  seen,  then,  why  triphenylamine  is  a  planar  molecule.  As 
above,  in  order  for  any  resonance  interaction  to  include  a  phenyl  ring 
and  the  nitrogen  atom,  the  nitrogen  must  be  coplanar  with  the  ring, 
and  since  this  interaction  is  possible  with  all  three  rings,  all  three  rings 
must  be  coplanar  with  nitrogen;  hence  the  entire  molecule  is  coplanar. 
Actually  there  is  a  slight  repulsion  between  the  ortho  hydrogen  atoms 
of  the  rings,  which  forces  the  rings  to  rotate  through  a  very  small  angle 
about  the  N — C  bonds.  This  makes  them  appear  like  the  blades  of  a 
propeller  about  a  center  axis. 

Due  to  the  resonance  of  aromatic  nitro  compounds, 


the  two  oxygen  atoms,  the  nitrogen  atom,  and  the  ring  are  coplanar 
lor  nitrophenol,  the  ionic  form  with  the  positive  charge  on  the  phenolic 
oxygen  atom  is  more  stable  than  when  the  positive  charge  is  on  one 
o  the  nuclear  carbon  atoms;  consequently,  the  ionic  form 


makes  a  larger  contribution  to  the  resonance  hybrid  of  nitrnnh  i 
do  the  ionic  forms  of  nitrobenzene.  '  nltroPheno1  than 

Very  often  coplanarity  of  molecnlps  is  .  , 

factors,  and  as  a  result  resonance  may  be  prevented  f rot  £££ 
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A  splendid  illustration  is  provided  by  picryl  iodide.  Diffraction 
studies32  reveal  that  the  p-nitro  group  is  coplanar  with  the  ring, 
whereas  the  o-nitro  groups  are  not.  Moreover,  the  C — N  bond  dis¬ 
tance  for  the  p-nitro  group  is  1.35  A,  and  is  1.45  A  for  the  o-nitro 
groups.  This  indicates  considerable  double-bond  character  for  the 
para  C — N  bond,  but  very  little  for  the  ortho  C — N  bonds  (normal 
C — N  =  1.47  A;  C=N  =  1.28  A).  These  facts  are  quite  under¬ 
standable,  for  there  is  the  usual  nitrophenol  resonance  for  the  para 
nitro  group 


but  steric  hindrance  between  the  large  iodine  atom  and  the  oxygen 
atoms  of  the  ortho  nitro  groups  prevents  their  coplanarity  with  the 
ring.  As  a  result,  the  resonance  interaction  cannot  occur  between 
the  ring  and  the  ortho  nitro  groups.  The  double-bond  character  of  the 
para  q — n  bond  is  due,  of  course,  to  the  contribution  of  the  ionic  form 

^Similarly,  the  C— N  bond  distance  in  nitromesitylene  is  found 
to  be  near  that  of  nitroalkanes  rather  than  that  of  mtrobenzenes. 
Again,  the  steric  hindrance  of  the  ortho  methyl  groups  prevents  the 
coplanarity  of  the  nitro  group  and  the  ring,  which  inhibits  the  reso¬ 
nance  among  such  forms  as 


Thus  the  C-N  bond  has  a  distance  close  to  that  of  nitroalkanes  where 

in  Sec.  8.7  and  Chapter  9. 

32  G.  Huse  and  H.  M.  Powell,  J.  Chem.  Soc.,  1398  (1940). 


8.7] 


Resonance  and  its  applications 


175 


Supplementary  Reading 


1.  G.  W.  Wheland,  The  Theory  of  Reasonance ,  Wiley,  New  York,  1944,  Chap.  4. 

8.7  Resonance  and  ionic  character  of  molecules 

8.7a.  Effect  of  resonance  on  dipole  moments.  It  was  supposed 

+  — 

in  Chapters  3  and  6  that  the  ionic  forms  of  the  bond  A — B,  A:B  or 
—  + 

A:B,  cause  a  dipole  to  be  associated  with  the  bond,  and  in  addition, 
that  the  dipole  moment  of  a  molecule  is  approximately  the  vector  sum 
of  the  individual  bond  moments  of  the  bonds  that  make  up  the  mole¬ 
cule.  This  concept  made  it  possible  to  understand  in  a  better  than 
semiquantitative  degree,  certain  physical  properties  of  molecules,  such 
as  dissociation  constants  of  carboxylic  acids  and  electric  dipole 
moments.  In  a  similar  sense,  the  ionic  forms  contributing  to  the 
resonance  of  a  molecule  cause  that  molecule  to  have  a  certain  ionic 
character.  For  example,  the  dipole  moment  of  ethyl  chloride  is  2.0 5D, 
which  is  due  to  the  relatively  larger  electronegativity  of  the  chlorine 
atom.  On  the  other  hand,  the  dipole  moment  of  vinyl  chloride,  1.44Z), 
is  smaller  than  that  of  ethyl  chloride,  because  the  dipole  associated 
with  the  ionic  structure  among  the  resonating  forms 


CH2=CH— Cl,  CH2 — CH=C1 


is  opposite  to  the  induction  moment  and  therefore  causes  a  smaller 
moment  to  be  observed.  It  will  be  recalled  that  the  «Wt 


where  X  represents  a  halogen  atom.  The  effect  is  il 
l  Ch  °r0’  br0m°’  and  iodo  derivatives.  The 


l  The  effect  is  illustrated  in  Table 
derivatives.  The  vertical  columns 
a  ely,  foi  although  ionic  forms  of  the 


observed  moments  below  those  from 

l‘S  tjhciti  dl  1 P  t,n  .! _  1 


that  due  to  differences  in  electro- 


176 


Resonance  and  its  applications 


[8.7 


Table  8.3 


Dipole  Moments  of  Some  Halogen  Compounds 


X 

CH3CH2X 

ch2=chx 

HCssCX 

C6H6X 

Cl 

2.05  D 

1.44Z) 

0.44D 

1.73D 

Br 

2.02 

1.41 

0.0 

1.71 

I 

1.90 

1.26 

1.50 

negativities),  the  intrinsic  electronegativities  of  the  hydrocarbon 
radicals  have  an  effect  on  the  magnitude  of  the  decrease. 

To  illustrate  further,  one  or  two  more  examples  can  be  given. 
The  moments  of  aromatic  nitro  compounds  are  larger  than  those  of 
the  corresponding  aliphatic  nitro  compounds,  because  in  this  case  the 
dipoles  associated  with  the  ionic  resonating  forms  complement  the 
induction  moments. 


P 

R— JS(+ 

o- 

D.M.  =  3.29D 


> 


Similarly,  the  moment  of  benzotrifluoride33  is  larger  than  that  of 
trifluoromethylcyclohexane,  because  again  the  moment  of  the  ionic 
resonating  structures  adds  to  that  of  induction. 


H,C-CH2 

H2(/  CH— CFj 

\  / 
h2c— CH2 

DM.  =2  AD  D.M.=2.6D 


It  can  be  seen,  then,  that  if  the  dipoles  due  to  induction  and  reso¬ 
nance  are  in  the  same  direction,  the  dipole  moment  of  an  aromatic 
compound  will  exceed  that  of  the  corresponding  aliphatic  compoun  , 
whereas  if  the  dipoles  due  to  induction  and  resonance  oppose  one 
another  the  dipole  moment  of  the  aromatic  compound  will  be  smaller 
tiharfthat  of  the  aliphatic  compound.  A  splendid  il  —on  oU his 
effect  of  resonance  upon  dipole  moments  is  found  in  the  set  of  similar 

cyanine  dyes  I,  II,  and  III.34 

„  J.  D.  Roberts,  R.  L.  Webb,  and  E.  A.  McElhill,  7.  dm.  Chem.  Soc..  72,  408 
<10»“l.  M.  Kushner  and  C.  P.  Smyth,  J.  Am.  Chem.  Soc..  71,  1401  (1949). 
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O 


W 


c— N— C2H5 


s-c=s 


(CH3)j 


c2h5 


<\  / 

C-N 

C=CH — CH=CH — CH=C  C=S 

/M  . 

o  C2Hs 


o- 

\ 

C-N—  C2H5 

-cf 

s— c=s 


(CH3); 


\ 


0-  c2h5 

C-N 

Jp  CH=CH — CH=CH — C  C=S 

1  JC~\ 

0  C2H5  , 


c2h5 

(ch3) 


0  /C!hs 

C-N 
/  \ 

-%  /c=s 

C-N 

°~  XC!Hs 


o' 


o  C!Hs 

:C  C=0 

/c  N\ 

C.Hs 
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C2H5 


°\  /C2H& 

C-N 

//  \ 

-C  C=0 

\  / 

o  c2h5 


0  /C2H5 

C-N 
/  \ 

-c  c=o 
w 


/ 

0- 


Xb-N 


V 


c2h5 


o- 

\  / 

C-N 


c2h5 


// 


\ 


0 


/ 


C-N 


c=o 

/ 


\ 

C2Hs 


c2h5 


O  C2Hs 
^  / 
C-N 
/  \ 

-c  c=o 
\\  / 

C-N 

/  \ 

0-  c2h5 


It  can  be  seen  that  there  are  one,  two,  and  four  polar  forms,  respec¬ 
tively,  for  compounds  I,  II,  HI,  which  cause  a  corresponding  increase 
in  the  observed  dipole  moments.  As  a  matter  of  fact,  these  moments 
are  exceptionally  large,  and  are  surpassed  only  by  ionic  salts  o 

zwitterions. 

8  7b.  Dipole  moments  as  criteria  for  resonating  struc¬ 
tures  On  the  supposition  that  resonance  among  ionic  forms 
be  manifested  in  the  dipole  moments  of  molecules,  d'Pole  moment 

structures.  For  instance,  in  Sec.  8.5  dipole  mome 
one  form  of  evidence  for  hyperconjugation.  S.milaily  the  cup 
moments  of  the  aldehydes  listed  in  Table  ^  *  f” 

contribution  of  the  polar  structures  listed  in  the  thud 
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Tabic  8.4 


Dipole  Moments  of  Some  Aldehydes 29 


Substance 

Dipole 

moment 

Chief  ionic  resonating 
structures 

h2c=o 

2.27  D 

H2C— 0 

CH,— CH2CH=0 

2.73 

CH,— CH=CH— 0 
+ 

H 

CH2=CH— CH=0 

3.04 

+  — 

CH2— CH=CH— 0 

CH,— CH=CH— CH  0 

3.67 

H  C  H2 =C  II — CH =CH — 0 

All  four  aldehydes  have  the  typical  carbonyl  resonance  of  formalde¬ 
hyde,  but  the  increase  in  moment  in  going  from  formaldehyde  to 
propionaldehyde  is  due  to  hyperconjugation.  Thb  additional  increase 
in  moment  in  going  to  acrolein  is  due  to  the  somewhat  greater  con¬ 
tribution  of  the  ionic  forms  of  acrolein  to  its  resonance  hybrid  than 
the  contribution  of  the  ionic  forms  to  the  hyperconjugation  of  propion¬ 
aldehyde.  Moreover,  the  charges  are  a  little  farther  apart  in  acrolein, 
which  condition  increases  the  moment  over  that  of  propionaldehyde! 

us  there  is  an  additional  increase  in  moment  in  going  to  crotonalde- 
hyde  where  the  charges  are  even  further  separated  in  the  polar  struc¬ 
tures.  Evidence  for  the  above  polar  structures  of  crotonaldehyde  and 
aci olein  is  found  in  the  bond  distances  reported  as  follows:35 


(N 

lO 


CD 

CO 


CD 


CH  3— CH=CH— CH=0 


CD 

CO 


CD 

Tt< 


ch2=ch— ch=o 


Tut T'  T  or 

moments  are  listed  in  Table  8  5  Again  thi,  f  whlch  dip°le 
by  bond  distance  values,  for'the  C-C  'Supported 

shortened  by  0  05  A  «  Tb»  f  TL  .  t'0**  bond  m  acetonitrile  is 

—  £ 1— “*"**  » 
second  ionic  form  of  acrylonitrile,  with  its  oppositely  Steddipole^is 
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Table  8.5 


Dipole  Moments  of  Some  Nitriles 29 


Substance 

Dipole 

moment 

Chief  ionic  resonating 
structures 

£ 

III 

O 

1 

X 

2.93  D 

+  — 

CH=N: 

CHj — CH2 — C=N 

4.02 

CH3— CH=C=N: 

4- 

H 

CHj=CH — C=N 

3.88 

CH2— CH=C=N", 

—  + 

CH2 — CH=C=N 

CH| — CH=CH — C=N 

4.50 

H  CH2=CH — CH=C=N  " 

sufficient  to  outweigh  the  increase  in  moment  expected  from  the  first 

ionic  form.  .  .. 

It  was  stated  in  Sec.  8.3  that  the  large  moment  of  phenylisomtrile 

(3.5 D)  provides  evidence  for  a  large  contribution  from  the  first  ionic 
form  to  the  resonance  hybrid. 


It  can  be  shown  that  the  moment  is  directed  away  from  the  ring  by 
considering  the  moments  of  p-tolylisonitrile  and  p- chlorophenyl- 
isonitrile,  thich  are  not  far  from  the  vector  sums  of  the  moments 
the  respective  monosubstituted  benzenes. 


0.4D 


3.49D 


3.98D 


C1-0 

1.55D 


<ry-Nc 

3.49D 


2.07  D 


Knowing  the  directions  of '  the  moment  of  the 

a-  the  ring. 
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It  might  be  pointed  out  that  it  is  common  practice  to  use  the 
dipole  moments  of  a  p-disubstituted  benzene  and  a  suitable  mono- 
substituted  benzene  to  determine  the  relative  direction  of  a  group 
moment,  as  was  done  above  for  the  isonitrile  group.  As  a  matter  of 
fact,  it  was  in  this  manner  that  the  direction  of  the  moment  of  the 
methyl  group  in  toluene  was  determined  in  Sec.  6.5. 


8.7c.  Induction  plus  resonance  dipole  moments.  The  assump¬ 
tion  made  in  Sec.  8.7a,  that  the  differences  in  dipole  moments 
of  aromatic  and  aliphatic  compounds  are  largely  due  to  a  resonance 
moment,  was  proposed  by  Sutton.37  He  expressed  the  total  moment 
of  a  compound  as  the  vector  sum  of  the  primary  moment  m  arising  in 
the  bond  C — X,  (where  X  is  a  polar  group)  an  induced  moment  m, 
which  is  the  moment  induced  in  the  carbon  chain  by  the  primary 
moment,  and  a  resonance  moment,  /xr.  By  comparing  the  moments  of 
aromatic  compounds  with  those  of  the  corresponding  £er£-butyl  com¬ 
pounds,  where  the  moments  induced  in  the  C — C  bonds  could  be 
assumed  to  be  approximately  equal,  he  calculated  Hr  for  a  number  of 
groups  as  the  difference  between  the  moments  of  respective  ter^-butyl 
and  aryl  derivatives.  Qualitatively,  this  procedure  is  acceptable; 
however,  Audsley  and  Goss38  have  shown  that  it  can  lead  to  fallacious 
quantitative  results  for  two  reasons:  (1)  values  from  solution  measure¬ 
ments  need  to  be  corrected  for  differential  solvent  effects;  (2)  con- 
sideration  must  be  given  to  the  effect  of  the  shape  of  the  nonpolar 
radical  on  the  induced  moment. 

Groves  and  Sugden39  worked  out  an  approximation  method  of 
determining  induced  moments  in  aliphatic  groups,  and  by  measuring 
t  e  moments  of  vapors,  they  calculated  resonance  moments  of  a 
number  of  aromatic  compounds.  Audsley  and  Goss  evaluated  the 
effect  of  solvent  upon  dipole  moments  in  terms  of  a  solvent-effect 
constant  which  they  take  to  be  a  measure  of  the  proportion  of  the 
polarizable  matter  of  the  molecule  that  is  disposed  along  the  dipole 
axis.  By  correcting  observed  moments  for  solvent  effect,  and  making 
allowances  for  the  spatial  effect  of  the  hydrocarbon  radical,  Audsley 

momenrofCath  r,  T"  aTOmatic  moments  resonance 
momen  o  f  6  halo«enobenzenes.  For  comparison,  the  resonance 
moments  of  some  aromatic  compounds  determined  by  Sutton  bv 

Groves  and  Sugden,  and  by  Audsley  and  Goss  are  listed  in  Table  8  6 
It  is  noteworthy  that  the  order  of  resonance  moments  for  the 
ogens  as  determmed  first  by  Sutton  is  just  the  reverse  of  that  found 

38  A  a‘  ^U,tton’  P/°°-  R°y ■  Soc.,  A133,  668  (1931). 

39 1  GU(  '&  0>  and  foRiG°SS’  J'  phem-  Soc.,  358,  497  (1942) 

L.  G.  Groves  and  S.  Sugden,  J .  Chem.  Soc.,  1992  (1937) 
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Table  8.6 

Resonance  Moments  of  Some  Monosubstituted  Benzenes 


(Negative  pole  towards  the  nucleus  is  taken  as  positive) 


Substituent 

Sutton 

Groves  and  Sugden 

Audsley  and  Goss 

OH 

1.12  D 

F 

1.00 

1.04  D 

Cl 

0.59  D 

0.97 

0.95 

Br 

0.69 

0.89 

0.74 

I 

0.88 

0.87 

0.51 

OCH, 

0.40 

CN 

-0.43 

-0  05 

COCH, 

-0.18 

-0.17 

no2 

-0.88 

-0.29 

by  Groves  and  Sugden,  and  by  Audsley  and  Goss.  This  emphasizes 
the  necessity  of  caution  when  comparing  dipole  moment  data  from 
solution  measurements.  The  fact  that  the  resonance  moments  of  the 
halogens  decrease  in  the  order  F  >  Cl  >  Br  >  I  might  seem  anoma¬ 
lous  in  view  of  the  relative  polarizabilities  of  the  halogens,  I  >  Br  > 
Cl  >  F.  That  is,  in  the  ionic  forms  of  the  resonating  structures  of 
the  halogenobenzenes, 


the  electron  density  about  the  halogen  atom  is  decreased  below  that 
of  the  nonpolar  form ;  so  that  it  might  be  expected  that  the  ionic  form 
would  be  less  stable,  the  harder  it  is  to  remove  electrons  away  from 
the  halogen  atoms.  However,  Baddeley4'1  has  shown  that  in  determin¬ 
ing  the  relative  abilities  of  atoms  X,  in  a  bond  A-X,  to  form  a  double 
covalent  bond  with  X,  that  consideration  must  be  given  to  the  ioniza¬ 
tion  potential  of  X,  to  the  electron  affinity  of  A,  and  to  the  energy  o 

the  7T  bond  in  A=X.  From  this  standpoint,  Baddeley  concluded  that 
the  ability  to  form  covalent  double  bonds  decreases  in  t  e  oi  er 
F  >  Cl  >  Br  >  I  and  0  >  S.  Furthermore,  this  order  of  the  reso¬ 
nance  effect  of  the  halogens  F  >  Cl  >  Br  >  I,  was  proposed  -  to 

40  Q  Baddeley,  J.  Chem.  Soc.,  663  (1950).  Compare  with  th^s^cePta  6 
t  r  R  Mnrsden  and  L  E.  Sutton,  J.  Chem.  Soc.,  599  (193b). 

(1934). 
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account  for  the  relative  dissociation  constants  of  halogenophenylacetic 
and  boric  acids,  and  has  been  adopted  to  account  for  the  relative  rates 
of  nitration  at  the  ortho  and  para  positions  of  halogenobenzenes43 
(see  Sec.  10.2). 

8.7d.  Interaction  Resonance.  It  is  found,  generally,  that  when 
groups  of  opposite  electron  interaction  with  the  ring  are  located  para 
or  ortho  to  one  another,  there  is  an  unusually  large  contribution  from 
the  ionic  resonating  forms.  For  example,  the  dipole  moments  of 
nitrobenzene  and  aniline  are  in  opposite  directions  with  respect  to  the 
benzene  nucleus.  It  would  be  anticipated  from  what  has  been  said 
before  that  the  dipole  moment  of  p-nitroaniline  would  be  the  sum  of 
the  moments  of  nitrobenzene  and  aniline,  or  5.48D. 

N0* 

3.9  oD 

Instead,  the  experimental  value  is  6. ID,  the  difference  (6.1  —  5.48 
=  0.62)  being  attributable  to  the  large  contribution  to  the  resonance 
hybrid  from  the  ionic  structure 


1.53D 


Several  examples  of  this  extra  resonance  effect,  which  may  be  called 
an  interaction  resonance,  are  listed  in  Table  8.7.  The  effect  exists 
only  when  the  two  opposite-type  groups  are  oriented  ortho  or  para  to 
one  another,  because  meta  quinoidal  structures, 


Ortho 

quinoidal  form 


Meta 

quinoidal  form 


Para 

quinoidal  form 


Which  would  be  necessary  for  coupling  between  meto-oriented  groups 
sue  high  potential  energy  (because  of  the  weak  long  bond)  that 
they  make  little  contribution  to  the  electronic  state  of  molecules 

1S  faction  resonance  is  manifested  also  in  other  properties 
uch  as  absorption  spectra  and  molar  refractions, «  and  wiU  be  men¬ 
tioned  again  in  Sec  9.4c  on  ultraviolet  spectroscopy 

“  p  p-  Fenmson,  .Chem.  fo»,  50,  58  (1952). 

C.  Curran  and  F.  M  Palermiti  1  nu  a 

aiermiti,  J .  Am.  Chem.  Soc.,  73,  3733  (1951). 
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Table  8.7 


Dipole  Moments  of  Compounds  p  —  X  —  C^H^  —  Y  with  Interaction  Resonance 


X 

Y 

Observed 

moment 

Calculated 

moment 

Difference 

NO* 

NH* 

6.10  D 

5.48D 

0.62  D 

NO* 

N(CH3)2 

6.87 

5.53 

1.34 

CN 

N(CH3)* 

5.90 

5.55 

0.35 

cf3 

NH* 

4.28 

4.13 

0.15 

cf3 

N(CH3)* 

4.62 

4.18 

0.44 

ch3 

CHO 

3.30 

3.15 

0.15 

8.7e.  Resonance,  steric  hindrance,  and  ionic  character. 
Many  instances  will  be  cited  throughout  this  and  the  next  chapter 
where  steric  hindrance  has  blocked  resonance,  and  thereby  has  affected 
bond  distances,  dipole  moments,  base  strengths  of  amines,  absorption 
spectra,  melting  points,  and  other  properties.  When  steric  hindrance 
reduces  the  resonance  among  ionic  forms,  the  dipole  moment  is  greatly 
affected.45  For  example,  the  moments  of  A^N-dimethylaniline  and 
triethylamine  in  benzene  solution  are  1.55  and  0.91,  respectively. 
Since  the  moment  of  the  aromatic  compound  is  larger  than  that  of  the 
aliphatic  compound,  the  resonance  and  induction  moments  must  be 
in  the  same  direction,  in  this  case  toward  the  hydrocarbon  portions 
of  the  molecules.  Thus  prevention  of  resonance  will  have  the  effect 
of  lowering  the  dipole  moment  of  the  aromatic  compound  to  that  of 
the  corresponding  aliphatic  compound.  It  is  interesting  to  note,  in 
this  connection,  that  the  moments  of  2,6-dimethyl-iV,  N- dimethylaniline 


N(CH3)2 


is  0  94 D  not  far  from  the  aliphatic  tertiary  amine  value.  The  nuclear 
methyl  groups  have  the  effect  of  slightly  raising  the  dipole  moment,  for 
The  moment  of  aniline  in  benzene  is  1.59 D  and  that  of  2, 6-dn»ethyl- 

aniline 

«  R.  H.  Birtles  and  C.  C.  Hampson  first  pointed  this  out 
(1937)].  Several  examples  have  been  reported  y 
[J.  Chem.  Soc.,  2666  (1949)]. 
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CH3 


is  1.63 D.  As  additional  examples,  the  dipole  moments  of  substituted 
durenes  and  mesitylenes  are  listed  in  Tables  8.8  and  8.9,  where  it  can 
be  seen  that  their  moments  are  near  the  values  of  the  corresponding 
aliphatic  compounds.  In  the  durene  and  mesitylene  derivatives, 
resonance  involving  the  substituent  and  the  ring  is  depressed  because 
the  ortho  methyl  groups  prevent  coplanarity  of  the  groups  with  the 
ring.  Consequently,  the  dipole  moments  are  almost  equal  to  those 
of  the  aliphatic  compounds,  where  the  moment  is  due  primarily  to 
induction. 


Table  8.8 


Dipole  Moments  of  Durene  and  Mesitylene  Compounds  with  Corresponding 

Methyl  and  Phenyl  Derivatives 


X 

ch3x 

c6h5x 

Durene-X 

no2 

3.29 

3.95 

3.39 

nh2 

1.39 

1.53 

1.39 

coch3 

2.72 

2.88 

2.68 

COC1 

2.40 

3.32 

Mesitylene-X 


3.65 

1.40 

2.71 

2.95 


Table  8.9 


Dipole  Moments  of  Disubstituted  Durene,  with  Corresponding  Methyl  nnd 

Phenyl  Compounds 


X 

Y 

p-xc6h4y 

xch3  +  ych3 

X-durene-Y 

no2 

no2 

no2 

Br 

Br 

OH 

nh2 

oc2h6 

N(CH,)2 

nh2 

no2 

no2 

6.10 

4.74 

6.16 

2.99 

2.60 

5.04 

4.56 

4.47 

4.03 

2.84 

1.71 

4.86 

4.98 

3.68 

5.11 

2.75 

2.36 

4.08 

formfiitn’redh,!n  It™  ‘T’™"06  Wocks  the  "“nance  among  ionic 
lower' its  ^  point” “d  ^ 
pounds  have  very  high  me, ting  points  because 
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static  forces  must  be  overcome  to  bring  about  melting  of  the  crystal, 
whereas  solid  covalent  substances  have  relatively  low  melting  points 
because  only  weak  van  der  Waals  forces  need  be  overcome  for  melting. 
However,  caution  must  be  taken  in  correlating  melting  point  with 
ionic  character,  inasmuch  as  several  factors,  such  as  crystalline  struc¬ 
ture,  have  an  effect  on  the  melting  point  of  a  substance.  Nevertheless, 
several  persons46  have  noted  various  series  of  closely  related  compounds 


Table  8.10 


Melting  Points  of  Some  Sterically  Hindered  Compounds 


Derivative 

c6h6nh2 

c6h6nch3 

C6H6N(CH3)2 

Trichloro- . 

78 . 5°C 

32°C 

<25°C 

Tribromo- . 

122 

39 

<25 

Triiodo- . 

185 

106 

70 

2,6-Dinitro- . 

138 

78 

2,3,5,6-Tetra-methyl-4-nitro-.  .  . 

161 

90 

2-Methyl- . 

-16 

-60 

2,4-Dinitro- . 

187 

80  (diethylamino) 

1  Amino- . 

1-Methylamino-. . 
1  Ethylamino-. . . . 
1-Benzylamino-. . . 
1-Dimethylamino- 
1-Diethylamino-.  . 


4-Nitronaphthalenes 


191°C 

184 

176 

156 

65 

<25 


whose  orders  of  melting  points  parallel  the  increased  steric  strain 
that  would  exist  in  the  planar  configurations  of  the  molecules.  It 
might  be  argued,  therefore,  that  with  increasing  steric  requirements 
there  is  a  decrease  in  the  resonance  among  ionic  forms,  and  conse¬ 
quently  a  decrease  in  ionic  character.  There  would  be  observed,  then, 
a  corresponding  decrease  in  melting  point  with  increasing  steiic 

hindrance,  as  can  be  seen  in  Table  8.10.  .  . 

M.  Crawford47  has  illustrated  the  effect  that  steric  inhibition  oi 
resonance  may  have  on  the  solubilities  of  molecules.  In  Table  8.11 
are  listed  his  data  from  measurements  of  the  solubilities  of  copper 
salts  at  25°C  in  benzene  containing  10  per  cent  ethanol.  In  those 
salts  that  are  practically  insoluble  (right-hand  column)  it  is  noted 


-  R.  T.  Arnold,  G.  Peirce,  and  R.  A.  Barnes,  J  Am.  Chem.  Soc .62 1  1627 
(1940);  R.  B.  Sandin  and  J.  R.  Z.  Williams,  J.  Am.  Chem.  Soc.,  69,  2/4/  (1J47). 
47  M.  Crawford,  Nature,  165,  728  (1950). 


8.8] 


Resonance  and  its  applications 


187 


Table  8.11 

Solubilities  (g/100  ml)  of  Copper  Salts  in  Benzene  Containing  10  Per  Cent 

Ethanol 


Salt 

Solubility 

Salt 

Solubility 

Phenylacetate . 

2.73 

Benzoate 

0.13 

Diphenylacetate . 

7.65 

Cinnamate 

0.44 

Triphenylacetate . 

r.s. 

Crotonate 

0.31 

Hydrocinnamate . 

r.s. 

p-Toluate 

p-Chlorobenzoate 

p-Iodobenzoate 

0.01 

Propionate . 

7.64 

i. 

Butyrate . 

18.3 

i. 

o-Toluate . 

5.58 

o-Chlorobenzoate . 

r.s. 

o-Bromobenzoate . 

r.s. 

r.s.  =  readily  soluble 
i.  =  insoluble 

o-Iodobenzoate . 

r.s. 

that  the  carboxyl  group  is  conjugated  with  a  double  bond  or  with 
the  aromatic  nucleus.  This  stabilizes  the  ion  by  resonance  among 
such  forms  as 


and  these  polar  forms  will  diminish  the  solubility  of  the  salts  in  a 
homopolar  solvent  such  as  benzene.  When  such  structures  are 
inhibited  because  of  insulation,  as  in  hydrocinnamate,  or  by  steric 
hindrance,  as  in  the  ortfm-substituted  acids,  the  ionic  character  of  the 

salt  is  reduced  to  the  extent  that  it  is  moderately  soluble  in  the  benzene- 
alcohol  solvent. 


Supplementary  Reading 

9  n  tT’  ^he,and>  The  Theory  of  Resonance,  Wiley,  New  York  1944  nn  12fi  12A 
2.  C.  P.  Smyth,  Frontiers  in  Chemistry,  Vol  V  edited  R  7^  ^ 

Orammitt,  Interscience,  New  York,  1948,  pp.  31-49.d  '  E'  BUrk  “d  °' 

8-8  Resonance  and  chemical  equilibria 

ph^XopTtytra"  (bst  rTanCe  may  aff6Ct  a" 

p  operty  of  a  substance,  such  as  its  dipole  moment,  and  (2) 
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how  the  energy  aspect  of  resonance  may  affect  the  stability  of  a  com¬ 
pound,  as  determined  through  thermochemical  studies.  A  much 
wider  revelation  of  the  energy  aspect  of  resonance  is  found  in  its 
general  effect  on  chemical  equilibria. 

In  a  reversible  reaction 


A  +  B<=±C  +  D 


(1) 


the  equilibrium  constant  K  and  the  standard  free  energy  change  A F 
can  be  expressed  by  the  familiar  thermodynamic  equation48 

[C][D]  (C)(D)tc7d  m 

A  “  [A][B]  “  (A)(B)7a7b  V  ' 

and  AF=-RT\nK  (3) 


The  quantities  in  square  brackets  are  activities,  the  ones  in  parentheses 
are  concentrations,  and  the  7’s  are  the  activity  coefficients  of  the 
respective  substances;  R  and  T  are  the  gas  constant  and  the  absolute 
temperature,  respectively. 

Inasmuch  as  resonance  considerations  can  be  made  concerning 
differences  in  internal  energies  A E,  but  not  directly  in  terms  of  free 
energy  changes,  a  modification  must  be  made  in  eq.  (3).  It  so  happens 
that  in  most  instances  consideration  is  given  to  two  reactions  that 
are  not  only  of  the  same  type  but  involve  substances  that  diffei  meiely 
by  certain  substitutions  or  minor  structural  changes.  For  example, 
the  reactions  for  neutralization  of  benzoic  and  p-mtrobenzoic  acids, 
or  for  the  enol  content  in  benzoylacetone  and  acetylacetone,  may  be 
compared  under  the  same  approximate  conditions  of  solvent,  con¬ 
centration,  and  temperature.  Under  these  circumstances,  a  su  - 
stitution  of  A E  from  eq.  (4) 

AE  =  AF  -  PAF  -  TAS  (4) 


will  be  made  for  A F  in  eq.  (3),  i.e., 

—  AE  =  RT  In  K 


(5) 


The  term  FAT  in  eq.  (4)  can  be  neglected  without  doubt  because 
the  changes  in  volume  for  reactions  in  the  liquid  state  will  be  small, 
and  certainly  the  difference  in  volume  changes  for  two  sun,  ar  na  ¬ 
tions  will  be  unnoticeable.  Nothing  can  be  said  ^  certainty  abou 
the  term  TAS,  but  it  is  expected  to  be  small  in  most  «*». Ne 
theless,  in  the  absence  of  general  experimental  data,  we  are 

•  •  :^iQ£3  nf  this  section  are  discussed  in  most 

The  basic  thermodynamic  Princ  P  ,  amics>  jr0r  example,  see  W.  J. 
textbooks  of  physical  chemis  ry  °r  >  Chaps.  3,  4. 

Moore,  Physical  Chemistry,  Prentice-Hall,  New  rone, 
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to  assume  here  that  the  quantity  8TAS  will  not  be  large  enough  to 
affect  the  sign  of  8AF  for  two  similar  reactions  where  8Ab  is  large; 
8TAS  and  8AF  are  the  differences  in  entropy  and  free  energy  changes, 

respectively,  between  the  two  reactions. 

Now  AE  =  Ep  —  Er,  where  Ep  and  Er  are  the  sums  of  the  internal 
energies  of  the  products  and  reactants,  respectively;  and  on  the 
assumption  that  -A E  ^  RT  In  K,  any  large  differential  effect  that 
resonance  may  have  on  the  internal  energies  of  the  products  and 
reactants  may  be  reflected  in  the  equilibrium  constant.  It  follows 
from  AE  =  Ep  —  Er,  that  ~{EP  -  Er)  =  RT  In  K,  or  (Er  -  Ep)  = 
RT  In  K.  Thus  if  resonance  stabilizes  the  products  relative  to  the 
reactants,  that  is,  decreases  Ep  more  than  Er,  the  change  in  internal 
energy  will  be  larger  than  it  would  be  in  the  absence  of  resonance,  and 
consequently  the  equilibrium  is  shifted  in  favor  of  the  products.  Of 
course,  if  resonance  stabilizes  the  reactants  relative  to  the  products, 
the  change  in  internal  energy  will  be  smaller  than  it  would  be  in  the 
absence  of  resonance,  and  the  equilibrium  is  shifted  in  favor  of  the 
reactants.  This  generalization  will  make  it  possible  to  obtain  logical 
explanations  of  the  marked  differences  in  the  positions  of  equilibrium 
for  similar  reactions. 

8.8a.  Dissociations  of  acids  and  bases.  Consider  the  dissociation 
of  an  aliphatic  alcohol. 

ROH  RO-  +  H+  Ka  ~  10-18 

Since  only  one  reasonable  structure  can  be  written  for  the  alcohol  and 
its  ion,  resonance  stabilization  of  each  is  negligible,  and  hence  resonance 
has  no  detectable  effect  on  the  position  of  equilibrium.  For  the  same 
type  of  dissociation  of  a  phenol 


the  large  increase  in  dissociation  constant  can  be  attributed  largely 
Phenltl  I?  P°'ar  **  the 
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is  more  stable  than  that  of  the  acid, 


due  to  a  separation  of  charge  in  the  latter,  and  consequently  resonance 
stabilizes  the  ion  to  a  greater  extent  than  it  does  the  acid.  This 
explains  the  larger  dissociation  constants  commonly  found  for  phenols 
than  for  alcohols. 

The  effect  of  resonance  upon  acid  strength  is  magnified  a  little 
in  p-phenylphenol. 


The  number  of  resonating  forms  is  increased  for  both  the  acid  and  the 
ion,  but  in  the  acid,  the  greater  charge  separation  diminishes  their 
contribution.  Hence  there  is  a  greater  net  stabilization  of  the  ion 
than  in  the  case  of  phenol,  which  produces  a  larger  dissociation  constant 
for  p-phenylphenol49  (7.9  X  H)-10),  being  about  six  times  that  of  phenol 

(1.3  X  10-10).  .  v  . 

An  acid-strengthening  resonance  occurs  also  with  carboxylic  acids. 


R— C 


/ 


0 


0— H, 


0 

/  + 

R— C  +  H 

\- 

0, 


Ka  ^  10-6 


0 


R— C 


0— H 


0 


R— C 


\ 


0 


Resonance  is  greater  for  the  carboxylate  ion  because  of  the  equivalence 
of  the  two  resonating  forms  of  the  ion,  while  at  the  same  time  charge 
separation  decreases  the  importance  of  the  polar  structure  o  the  acid 
The  differential  resonance  stabilization  of  the  ion  is  giea 

«  E.  O.  Woolfolk,  C.  Golumbic,  R.  A.  Fnedel,  ’ 

Bulletin  487,  Bureau  of  Mines,  Government  Printing  Office,  Washmgto  , 
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carboxylic  acids  than  for  phenols,  and  as  a  result,  the  dissociation 
constants  for  carboxylic  acids  are  about  105  times  greater  than  those  of 
phenols.  This  is  in  the  absence  of  substituent  effects,  for  it  was  seen 
in  Sec.  6.1  for  acetic  acids,  and  will  be  seen  presently  for  phenols,  that 
substituents  may  have  striking  effects  on  acid  strengths.  Although 
the  contribution  from  the  form 


to  the  resonance  of  phenolate  ion  is  greater  than  that  from  the  form 


to  the  resonance  of  the  undissociated  phenol,  neither  form  is  as  impor¬ 
tant  as  is  one  of  the  resonating  structures  of  the  carboxylate  ion.  This 
is  due  to  the  fact  that  in  both  polar  structures  above,  the  Kekule 
resonance  of  the  ring  is  lost.  Hence  these  forms  are  much  less  stable 
than  are  the  structures 

0—0-  and  0~°-H 

for  the  ion  and  acid  forms  of  phenol,  respectively,  and  the  actual  struc¬ 
tures  are  close  to  the  latter  two  structures.  On  the  other  hand,  both 
forms  of  the  carboxylate  ion  are  equivalent,  and  make  equal  con¬ 
tribution  to  the  resonance  of  the  ion.  Consequently,  the  actual  struc¬ 
ture  of  the  ion  is  intermediate  between  the  two  forms,  that  is,  a  com¬ 
posite  or  hybrid  of  the  two. 

Following  the  same  line  of  reasoning,  it  can  be  seen  that  the 
resonance  of  aromatic  amines  is  base  weakening. 

R— NH2  +  H20  ^=>  RNH3  +  OH-  Kb- 10"5 


XHi  +  OH- 


A'i,— 10-9 


Only  one  reasonable  structure  of  each  can  be  written  for  the  aliphatic 
ree  base,  its  ion,  and  the  ion  of  the  aromatic  amine,  whereas  there  is 

7rr  I  ar7,atiC  free  base-  Cons^»tly,  resonance  has 
o  effect  on  the  equilibrium  of  the  aliphatic  amine,  but  shifts  the 
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equilibrium  of  the  aromatic  amine  to  the  left,  due  to  its  stabilization 
of  the  aromatic  amine  with  respect  to  its  ion.  Therefore  aromatic 
amines  are  weaker  bases  than  are  aliphatic  amines.50 

There  is  an  accompanying  effect  of  resonance  on  the  position  of 
equilibrium  which  is  different  from  the  resonance  energy  effect  and  is 
called  a  resonance-charge  effect.  For  illustration,  in  the  resonance  of 
phenol 


there  is  a  lower  electron  density  (larger  positive  charge)  about  the 
oxygen  atom  than  there  would  be  in  absence  of  resonance.  This 
facilitates  ionization  of  the  proton,  and  this  fact  in  itself  would  make 
phenol  a  little  stronger  acid  than  an  aliphatic  alcohol. 

The  effects  of  substituents  are  largely  due  to  resonance  interaction. 
For  example,  the  same  considerations  of  the  relative  resonance  stabili¬ 
zation  of  the  ion  and  the  acid  forms  may  be  given  to  p-nitrophenol  as 
were  given  to  phenol. 


There  is  a  complementary  nature  of  the  nitro  group  and  the  O  or 
OH  groups  (i.e.,  as  a  result  of  resonance,  one  increases  and  the  other 
decreases  the  electron  density  of  the  ring),  but  the  differential  stabili¬ 
zation  of  the  ion  is  even  greater  than  in  the  case  of  the  unsubstitute 
phenolate  ion.  Thus  resonance  interaction  makes  nitrophenol  a 
stronger  acid  than  phenol.  It  is  expected  that  additional  mtro  groups, 
ortho  to  the  OH  group,  would  increase  this  acid-strengthening  effect, 
and  indeed  it  is  found  that  the  acid  strengths  of  nitrophenols  increase 
in  the  order  4-nitro-  <  2,4-dinitro-  <  2,4,6-trinitro-phenol,  with  t  e 


latter,  picric  acid,  being  a  strong  acid. 


50  Similar  considerations  have  been  given  to  the ^relative .base  strengths  of 
heterocyclic  and  homocyclic  amines  by  A.  Albert  and  R.  Goldacre  [Nature,  153, 
467  (1944);  J.  Chem.  Soc.,  706  (1946)1- 
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Acid 


Ka 


Phenol 

p-Nitrophenol 

2,4-Dinitrophenol 

2,4,6-Trinitrophenol 


1.3  X  10-10 
6.9  X  10-8 
1  X  lO"4 
4.2  X  10-1 


Substituents  have  analogous  effects  on  the  base  strengths 
anilines.  For  example,  in  the  resonance  of  p-nitioaniline 


of 


the  polar  form  of  the  free  base  causes  a  greater  stabilization  than 
the  corresponding  form  of  aniline.  Since  resonance  for  the  amine 
is  base-weakening,  p-nitroaniline  is  a  weaker  base  than  is  aniline 
(X&  ~  10~10).51  Thus  the  generalization  can  be  made  that  meta- 
directing  groups  are  base-weakening  and  acid-strengthening  when 
situated  ortho  or  para  to  the  amino  group  of  aniline  or  the  hydroxyl 
group  of  phenol. 

In  addition,  steric  hindrance  may  interfere  with  resonance,  and  in 
turn  affect  the  base  strength  of  aniline52  or  the  acid  strength  of  a 
phenol.53  For  example,  2,6-dimethyl-4-nitrophenol  (XXII)  is  a 
stronger  acid  than  is  3,5-dimethyl-4-nitrophenol  (XXIII).  In  the 
latter  compound,  the  methyl  groups  block  the  acid-strengthening  reso¬ 
nance  of  nitrophenol  by  preventing  the  nitro  group  from  being  coplanar 


with  the  ring.  Similarly,  tri-(p-nitrophenyl) -methane  (XXIV)  is  a 
stronger  acid  than  is  tri-(nitroxylyl) -methane  (XXV)  by  several  pK 
units.54  Again,  the  ortho  methyl  groups  in  XXV  prevent  the  coplanar- 


streneth  of  Er'  P^fra  h*VG  given  a  similar  discussion  on  the  base 

strength  of  azomethines,  J.  Am.  Chem.  Soc.,  69,  2914  (1947). 

B3  ^e>dearschi  and  P.  Rumpf,  Compt.  rend.,  229,  1152  (1949) 

B4  c'  W  &l\d  A'  S‘  Glessner>  Jr->  J-  dm.  Chem.  Soc.,  71,  3150  (1949) 

G.  W.  Wheland  and  A.  A.  Danish,  J.  Am.  Chem.  Soc.,  62,  1125  (1940). 
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ity  n^ro  group  and  the  ring  and  thereby  inhibit  the  acid¬ 

strengthening  resonance. 


+  H+ 


Since  the  resonance  of  aniline  is  base-weakening,  any  steric  inter¬ 
ference  of  resonance  will  make  the  amine  a  stronger  base.  For  exam- 
ple,  4-nitro-a-A^A^-dimethylaminonaphthalene  (XXVI)  is  a  stronger 
base  than  is  4-nitro-a-naphthylamine  (XXVII).55  Resonance  involv¬ 
ing  the  dimethylamino  group  in  XXVI  is  damped  because  the  peri 


h3c  xh3 

N 


XXVII 


CH  group  prevents  coplanarity  of  the  methyl  groups  with  the  ring, 
is  p  t  Arnold,  G.  Peirce,  and  E.  A.  Barnes,  J.  Am.  Chem.  Soc.,  62,  1627  (1940). 
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Attempts56  to  account  for  the  base  strengths  of  aromatic  amines  of 
the  type  XXVIII  where  R  and  R'  are  either  alkyl  groups  or  hydrogen 


XXVIII 


atoms,  have  been  made  in  the  past  in  terms  of  four  concepts:  (1) 
inductive  and  hyperconjugative  effects  of  the  groups  R  and  R',  (2) 
resonance  involving  the  nitrogen  atom  and  the  nucleus,  (3)  steric 
damping  of  resonance  by  R  and  R',  and  (4)  solvation  effects.  Even 
so,  much  experimental  data  have  not  been  satisfactorily  explained. 
For  instance,  the  introduction  of  first  one,  and  then  two  methyl  groups 
into  the  nuclei  of  aniline  and  A^X-dimethylaniline  have  different 
effects.  The  relative  base  strengths  are  in  the  orders 


CH3 


ch3 


H.  C.  Brown57  has  shown  that  inclusion  of  a  fifth  factor,  namely,  the 
steric  strain  arising  in  the  anilinium  salt,  permits  clear  interpretation 

of  the  relative  base  strengths  of  many  such  amines.  In  the  anilinium 
ion, 


,  bcnnett  and  A.  N.  Mossess,  J.  Chem  Soc  2394  p  tv. 

J.  Chem.  Soc.,  1113  (1946)-  G  W  Wheland  Thf%\  G‘  Thomson> 

New  York  1944  nn  1 ff •  A  t  rr '  ,  h  e  TheorV  of  Resonance,  Wiley, 

57  wn  o  ’  PP‘  A‘  J-  Trotman-Dickensen,  J.  Chem  Soc  1293  119491 

H.  C.  Brown  and  A.  Cahn,  J.  Am.  Chem.  Soc.,  12,  2939  (1950). 
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the  nitrogen  atom  has  a  tetrahedral  configuration  and  a  group  in  the 
ortho  position  with  a  certain  minimum  volume  may  overlap  the  steric 
requirements  of  the  -  NH3+  group.  The  resulting  strain  would  oppose 
ammonium  ion  formation58  and  decrease  the  apparent  basicity  of  the 
amine,  dhus  by  considering  the  inductive  or  hyperconj ugative  effect 
of  the  methyl  group  (made  evident  by  the  pKab9  value  of  aniline 
compared  to  those  of  ra-  and  p-toluidine,  Table  8.12)  and  the  steric 
strain  in  the  anilinium  ion,  the  relative  base  strengths  of  C-methyl 
anilines  are  understandable  (see  Table  8.13).  For  instance, 


Table  8.12 

Base  Strengths  in  Aqueous  Solution 60 


Base 

pKa 

o-Toluidine 

4.39 

Aniline 

4.58 

m-Toluidine 

4.69 

p-Toluidine 

5.12 

from  Table  8.12  it  is  seen  that  o-toluidine  is  a  weaker  base  than  is 
aniline,  so  the  presence  of  the  o-methyl  group  is  base-weakening  due  to 
steric  strain  in  the  salt;  the  somewhat  greater  basicity  of  ra-toluidine 
indicates  that  the  m-methyl  group  is  base-strengthening,  probably 
due  to  induction.  However,  the  base-weakening  effect  of  the  o-methyl 
group  exceeds  the  base-strengthening  effect  of  the  w-methyl  group, 
which  accounts  for  the  slightly  smaller  base  strength  of  2,5-dimethyl- 
aniline  than  of  aniline. 

The  steric  strain  in  the  ions  of  the  N,N- dimethylanilines  is  even 
greater  than  for  anilines,  but  here  the  steric  factor  also  has  a  very 
large  effect  on  the  resonance  of  the  free  base.  For  instance,  an 
o-methyl  group  hinders  the  formation  of  a  planar  stiucture  and 
decreases  the  resonance  contribution  from  such  forms  as 


Mex+/Me 

1/Me 

CJ 

which,  in  turn,  increases  the  base  strength  of  the  amine.  Thus  steric 
strain  in  the  salt  is  base-weakening,  while  steric  hindrance  of  reso- 

58  Quarternary  ammonium  salt  formation  is  also  hindered  by  groups  in  the 
ortho  positions,  and  the  magnitude  of  the  effect  seems  to  be  dependent  upon  the 

bulkiness  of  the  groups.  „  ,  ,  •  .< 

59  pKa  =  log  1  /Ka)  hence  the  largor  is  pha,  the  smaller  is  A„,  that  is,  tn 

stronger  is  the  base  strength.  „  q^aq  now 

«o  N.  F.  Hall  and  M.  R.  Sprinkle,  J.  Am.  Chem.  Soc.,  54s  3469  (1932). 
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Table  8.13 

Base  Strengths  in  50  Per  Cent  Ethanol  at  25  C 

Base  pKq 


nance  in  the  free  base  is  base-strengthening.  The  resultant  effect 
of  steric  requirements,  then,  depends  upon  which  of  these  two  fac¬ 
tors  is  the  larger.  Evidently,  the  resonance  factor  predominates 
in  A^A^-dimethyl-o-toluidine,  for  it  is  a  stronger  base  than  is  N,N- 
dimethylaniline.  However,  according  to  this  line  of  reasoning,  2,6- 
dimethyl-iV jiV-dimethylaniline  should  be  a  still  stronger  base;  on  the 
contrary,  it  is  not.  The  base  strengths  of  some  iV,iV-dimethylanilines 
are  listed  m  Table  8.14.  To  simplify  the  explanation,  Brown57  has 
schematically  represented  the  several  energy  quantities  involved  in 
salt  formation  by  a  chart  similar  to  Fig.  8.1. 

This  chart  shows  that  the  resonance  energy  of  B  is  slightly  smaller 
than  that  of  A  due  to  a  very  small  repulsion  between  the  methyl  groups 
and  the  hydrogen  atoms  of  the  coplanar  structure 


61 


w.  U9?3>SOC-'  1348  (1939,: 
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Table  8.14 


Base  Strengths  in  50  Per  Cent  Ethanol  at  25 °C62 

Base  pKa 


4.26 

4.48 


5.19 

5.28 


The  methyl  groups  exert  a  moderate  +/  effect  but  this  is  outweighed 
by  a  large  —S  effect  which  makes  A E  for  B  much  larger  than  that  for 
A  (compare  pKa  values;  basicity  decreases  with  increasing  A E).  The 
I  effect  in  C  increases  both  the  donor  character  of  the  nitrogen  atom 
and  the  resonance  energy  of  the  free  base.  The  steric  strain  in  C  is 
somewhat  less  than  that  in  B.63  The  net  effect  is  that  A E  is  about  the 
same  as  for  A.  In  D,  the  o-methyl  group  decreases  the  resonance 
energy  from  that  of  C  to  about  that  of  A  because  of  the  hindi  ance  to 
coplanarity  of  the  molecule.  Since  the  I  and  S  effects  in  D  are  slightly 
larger  than  those  in  C,  the  over-all  A E  is  smaller  than  for  any  of  the 
bases  in  this  chart.  In  E,  however,  the  two  o-methyl  groups  have  a 
large  effect  on  the  resonance  energy,  the  I  effect  is  still  slightly  larger 
than  for  D,  but  the  S  effect  is  now  quite  significant  to  increase  A E 

over  that  of  D. 


62  Q  Thomson,  J.  Chem.  Soc.,  1113  (1946).  ...  .  _  in  j 

63  This  is  based  on  the  fact  that  the  pKa  for  A-^biityiamhne  is  7.10,  an 
apparently  the  large  alkyl  group  on  the  nitrogen  has  caused  a  marked  diminut 

oF  resonant increasey  the  base  strength,  while  the  base-weakening  effect  of 

steric  strain  has  not  yet  become  significant.  In  other  words  substitution  of  an 
alkyl  group  in  the  ortho  position  affects  the  base  strength  through  the  S  factor 
more  than  through  the  /  (or  R )  factor,  whUe  subsriturion  of  the  same 
on  the  nitrogen  atom  affects  the  base  strength  through  the  R  (or  /)  factor  m 
than  through  the  S  factor. 
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Therefore,  upon  increasing  the  size  of  the  groups  R  and  R  in  the 
substituted  aniline  XXVIII,  steric  requirements  first  decrease  the 
resonance  energy  of  the  base  to  make  it  a  stronger  base,  but  upon 
further  increasing  the  size  of  R  and  R',  a  larger  base-weakening  effect 
arises  from  steric  strain  in  the  salt.  For  example,  there  are  just  the 
critical  relative  amounts  of  steric  damping  of  resonance  in  the  free 

a E  for  (3-NR,  ^  0*“R‘ 


Fig.  8.1.  Diagram  of  the  energy  A E  accompanying  the  conversion  of  an 
aniline  base  into  its  anilinium  ion.  The  components  of  A E  are:  resonance  energy 
(R),  inductive  or  hyperconjugative  energy  (/),  and  steric  strain  in  the  ion  (S). 
The  larger  is  A E,  the  weaker  is  the  amine  as  a  base. 


bases  and  steric  strain  in  the  salts  to  make  o-butyl-JV,lV-dimethyl- 
aniline  ( pKa  =  4.32)  a  slightly  stronger  base  than  ^^-dimethyl- 
aniline  ( pKa  =  4.26)  but  weaker  than  o-methyl-A^-dimethylaniline 
( pKa  =  5.0/).  It  appears  that  when  there  are  only  hydrogen  atoms 
on  the  nitrogen,  even  a  group  as  large  as  f-butyl  has  a  larger  effect  upon 
the  steric  strain  in  the  cation  than  upon  the  resonance  energy  of  the 

free  base,  for  o-f-butylaniline  (pKa  =  3.78  in  H20)  is  a  weaker  base 
than  is  aniline. 

It  seems  inescapable,  then,  that  by  following  Brown’s  suggestion  of 
considering  steric  strain  in  the  anilinium  ions  of  aniline  bases  alonv 
with  earlier  concepts  of  resonance,  induction,  and  hyperconjugation,  a 
consistent  interpretation  of  base  strengths  of  alkyl  anilines  is  possible. 
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The  effect  of  solvation  has  been  neglected,  but  it  is  expected  that  it 
would  be  too  small  to  alter  the  conclusions  reached  here  without  its 
consideration. 


8.8b.  Organic  free  radicals 

( i )  Experimental  Methods.  It  is  very  well  established  now  that 
hexaarylethanes,  as  first  reported  by  Gomberg,64  dissociate  in  solution 
into  two  free  radicals  according  to  eq.  (6). 


R3C— cr3 


2R3C* 


(6) 


There  appear  to  be  two  important  factors  which  are  responsible  for 
this  dissociation:  (1)  steric  hindrance,  which  weakens  the  carbon- 
carbon  bond  in  the  substituted  ethane  molecule,  and  (2)  resonance, 
which  stabilizes  the  free  radicals  once  they  have  been  formed. 

Before  discussing  the  theories  concerning  dissociation  and  some  of 
the  experimental  results,  consideration  will  be  given  to  the  methods  of 
determining  the  degree  of  dissociation  of  covalent  molecules  into  free 
radicals.  The  three  physical  techniques  employed  have  been  cryo- 
scopic,65  spectroscopic,66  and  magnetic67  methods. 

If  the  molecular  weight  of  a  hexaarylethane  in  solution  is  deter¬ 
mined  by  measuring  the  melting  point  lowering  or  boiling  point  eleva¬ 
tion  of  the  solvent,  a  value  is  obtained  which  is  intermediate  between 
that  calculated  for  the  ethane  and  that  for  the  free  radical.  Taking 
an  m  molar  solution  of  an  ethane,  of  molecular  weight  M ,  of  which  a 
fraction  a.  is  dissociated  into  two  free  radicals,  the  concentration  of  fiee 
radicals  would  be  2 am,  and  the  concentration  of  undissociated  ethane 
would  be  (1  —  a)m.  The  total  concentration  of  particles  would 
therefore  be  (1  -  a)m  +  2 am,  or  (1  +  a)m.  The  observed  molecular 
weight  M o  would  then  be  the  weight  of  solute  per  liter,  mM ,  divided 
by  the  total  number  of  moles  in  a  liter  of  solution,  (1  +  a)m. 

M  =  mM  = 

0  (1  +  a)m  1  +  a 


The  degree  of  dissociation  can  thus  be  calculated  from  the  observed 
molecular  weight  and  the  formula  weight  of  the  ethane. 

Although  this  procedure  appears  simple,  the  results  are  far  from 
accurate,  and  sometimes  absurd.  That  is,  a  dissociation  greater  t  an 
100  per  cent  is  occasionally  obtained,  which  of  course  is  not  possi  e. 
This  method  also  has  the  disadvantage  of  being  applicable  at  only 


64  M.  Gomberg,  Ber.,  33,  3130  (1900).  T  .  .  1Q94 

65  P.  Walden,  Chemie  der  freien  Radikale,  Hirzel,  Leipzig,  1.  . 

66  K.  Ziegler  and  L.  Ewald,  Ann.,  473,  163  (1929)-  ]943 

67  p.  W.  Selvvood,  Magnetochemistry,  Interscience,  New  \  ork,  iww. 
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two  temperatures,  the  freezing  point  and  the  boiling  point  of  the 

The  spectroscopic  method  takes  advantage  of  the  fact  that  the 
hexaarylethanes  are  usually  colorless,  while  the  free  radicals  are 
colored.  According  to  Beer’s  law,  absorption  of  light  by  a  solute  is 
proportional  to  its  concentration.  Failure  of  a  solution  to  obey  this 
law  is  an  indication  that  the  solute  is  undergoing  some  type  of  dissocia¬ 
tion  or  association.  By  measuring  the  molar  absorbancy  index  A 
(a  measure  of  the  amount  of  light  absorption  at  a  given  wavelength) 
of  the  hexaarylethane  solution  at  various  concentrations,  the  degree 
of  dissociation  may  be  calculated  from  the  expression  a  =  A/AM, 
where  is  the  molar  absorbancy  index  at  infinite  dilution  (it  is 
assumed  that  the  ethane  would  be  completely  dissociated  at  infinite 
dilution).  The  equilibrium  constant  K  is  then 


K  = 


(2am) : 


4  a2m 


(1  —  a)m  (1  —  a) 


where  m  is  the  initial  molar  concentration  of  hexaarylethane.  A  test 
of  the  validity  of  the  method  is  whether  or  not  K  is  independent  of 
concentration,  and  indeed,  Ziegler  and  Ewald66  found  this  to  be  true 
for  hexaphenylethane. 

The  experimental  procedure  for  the  magnetic  method  was  dis¬ 
cussed  in  Chapter  6.  This  method  usually  gives  lower  values  for  K 
than  do  the  other  two  methods,  and  some  doubt  has  been  expressed68 
as  to  the  precise  reliability  of  the  values  obtained.  All  three  methods 
are  tedious  to  carry  out,  for  they  must  be  performed  in  the  absence 
of  any  trace  of  air.  Although  the  spectroscopic  and  magnetic  methods 
give  different  values  of  K,  they  do  give  approximately  the  same  values 
of  its  temperature  coefficient.  For  instance,  the  heat  of  dissociation 
of  hexaphenylethane  in  any  one  of  nine  different  solvents  is  found  to 
be  10.5-12  kcal  by  the  spectroscopic  method69  and  10.2-11.6  kcal  in 
benzene  or  toluene  by  the  magnetic  method.70'71  In  any  event,  the 
magnetic  method  lends  itself  more  readily  to  the  study  of  other  types 
of  free  radicals. 

When  the  concentration  of  free  radicals  is  too  low  to  be  measured 
by  one  of  the  physical  methods  described  above,  traces  of  free  radicals 
are  detectable  by  formation  of  their  peroxides,  R3COOCR3.  Thus 


m  o’  Wi  Selv'r°od  an.d  M-  Dobres,  J.  Am.  Chem.  Soc.,  72,  38G0  (1950) 

Ptfc* nle%  ?  th^cal°nometrLC  ValueS  °f  C-  B-  Wooster  for  some  hexaaryl¬ 
ethanes,  J .  Am.  Chem.  Soc.,  58,  2159  (1936).  y 

70  E.  Muller  and  I.  Muller-Rodloff,  Ann.,  521,  89  (1936). 

1  R.  Preckel  and  P.  W.  Selwood,  J.  Am.  Chem.  Soc.,  63,  3397  (1941). 
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dialkyl-tetraarylethanes' ’  and  even  tetracyclohexyl-diphenylethane73 
have  been  shown  to  dissociate  by  this  test. 

(ii)  The  Steric  Factor.  As  stated  earlier,  steric  hindrance  in  the 
hexaarylethanes  and  resonance  stabilization  of  the  corresponding  free 
radicals  account  for  the  dissociation  of  hexaarylethanes.  Evidence 
for  the  steric  effect  is  found  in  several  facts.  First,  the  aliphatic  C — C 
bond  distance  of  hexaphenylethane  is  longer,  by  about  0.04  A,  than 
the  C — C  bond  distance  of  unsubstituted  ethane.  Second,  the  amount 
of  free  radical  in  a  solution  of  tetra-p-biphenylethane  is  not  measur¬ 
able,  while  a  dilute  benzene  solution  of  tetra-p-biphenyl-di-teri-butyl- 
ethane  is  about  70  per  cent  dissociated  at  5°C.74  Moreover,  thermo¬ 
chemical  studies  give  a  semiquantitative  measure  of  the  steric  and 
resonance  effects.75  Bent  and  his  collaborators76  have  found  from 
several  studies  that  the  C — C  bond  of  hexaphenylethane  is  weakened 
by  about  36  kcal.77  Thus  in  the  absence  of  a  resonance  effect,  the 
heat  required  to  convert  one  mole  of  hexaphenylethane  into  two  free 
radicals  should  be  about  80  -  36  =  44  kcal.  It  is  found  by  several 
methods,  mentioned  above,  that  the  heat  of  dissociation  of  hexa¬ 
phenylethane  is  only  about  11  kcal. 770  The  difference,  33  kcal,  can 
be  attributed  to  resonance  stabilization  of  the  two  free  radicals. 
Therefore  steric  hindrance  and  resonance  are  about  equally  responsible 
for  the  dissociation  of  hexaphenylethane.  It  must  be  remembered, 
however,  that  these  values  are  worked  out  for  hexaphenylethane 
which  shows  only  a  small  dissociation  (1—3  per  cent).  For  compounds 
discussed  below,  where  the  dissociations  run  as  high  as  100  per  cent, 


the  resonance  factor  is  by  far  the  more  important. 

(iii)  The  Resonance  Factor.  Qualitative  evidence  for  the  resonance 
effect  is  found  in  the  fact  that  hexaalkylethanes  do  not  dissociate. 
Moreover,  tetraphenyl-di-cyclohexylethane,  which  has  about  the 
same  if  not  greater  steric  requirements  than  hexaphenylethane,  does 
not  dissociate  in  any  measurable  amount  in  solution,  in  contrast  to 
the  1-3  per  cent  dissociation  of  hexaphenylethane.  Also,  it  will  be 

72  M.  Szwarc,  Transactions  Faraday  Soc.,  (Discussions)  48,  39  (1947). 

73  S.  S.  Rossander,  L.  H.  Bock,  and  C.  S.  Marvel,  J.  Am.  Chem.  Soc.,  52,  29,6 

(1930);  K.  Ziegler,  Ann.  551,  127  (1942).  9flQ8  nq«ox 

74  j.  B.  Conant  and  R.  F.  Schultz,  J.  Am.  Chem  Soc. ,55,  2098  j1***)- 
73  N.  V.  Sidgwick,  The  Chemical  Elements  and  Their  Compounds,  Oxfo  d 

VerS^PK  Be^etal.’,  TaIcLI.  So,,  58,  170,  1624  (1036)  and  earlier  pape^ra 
77  It  might  be  noted  for  comparison  that  the  ring  strain  in  eye  <>P™P 
the  bond  energy  of  the  C-C  bond  by  about  50  kcal,  R.  A.  Ogg  and  W.  J.  Priest, 

J.  Chem.  Phys.,  7,  736  (1939).  ng33)-  R.  C.  Mithoff  and  G.  E.  K. 

"  -3  B.  F.  Precue., 

J.  Am.  Chem.  Soc.,  65,  895  (1943). 
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shown  presently  that  structural  modifications  that  increase  resonance 
in  the  free  radicals  also  increase  the  degree  of  dissociation  of  the  parent 
hexaarylethane. 

The  supposition  is  held  that  resonance  affects  the  dissociation  of 
hexaarylethanes  by  stabilizing  the  free  radicals  more  than  the  undis¬ 
sociated  ethane.  The  resonance  of  hexaarylethanes  can  be  illustrated 
by  considering  the  case  of  hexaphenylethane. 


The  resonance  of  benzene  (Kekul6  forms,  ionic  forms,  etc.)  can  occur 
with  the  six  phenyl  groups  of  the  ethane  as  well  as  with  the  phenyl 
groups  of  the  radical,  so  that  there  would  be  no  relative  resonance 
stabilization  if  this  were  the  only  resonance  possible.  However,  in 
the  free  radical  there  are  additional  forms  in  which  the  odd  electron 
is  located  on  the  ortho  or  para  carbon  atoms  in  any  one  of  the  three 
phenyl  rings.  Furthermore,  when  the  odd  electron  is  on  a  nuclear 
carbon  atom,  the  other  two  phenyl  rings  may  have  either  Kekul6  form 
independently  of  one  another,  so  that  there  are  four  forms  in  which 
the  odd  electron  is  at  any  one  ortho  or  para  carbon  atom.  For  exam¬ 
ple,  when  the  odd  electron  is  located  at  a  para  carbon  atom,  there  are 
the  following  four  forms: 


There  are  nine  nuclear  carbon  atoms  which  may  possess  the  odd  elec- 
ron,  resulting  in  a  total  of  36  additional  forms  to  contribute  to  the 
resonance  of  the  free  radical.  It  is  this  additional  resonance  which 
stabilizes  the  free  radicals  with  respect  to  the  hexaarylethane  to  permit 
an  appreciable  concentration  in  solution. 

The  three  extra  positions  of  the  odd  electron  in  the  free  radical  of 

hexa-(fert-butylethynyl)ethane  °* 
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CH=CH-C(CH3)3 
(CH3)3— C— CH=CH— C- 

CH=CH — C(CH3)3  CH=CH — C(CH3)3 

(CH3)3— C— CH-CH=C 

C(CH3)3  CH=CH— C(CH3)3 

•CH 


CH 


II 

(CH3)3— c— ch=ch— c 

CH=CH — C(CH3)3 


CH=CH— C(CH3)3 


(CH3)3— C— CH=CH-C 

II 

CH 


C(CH3)3 


apparently  are  not  enough  to  bring  about  any  measurable  dissociation 
of  this  hydrocarbon.  If  one  of  the  phenyl  groups  in  the  triphenyl- 
methyl  radical  is  replaced  by  a  biphenyl  group,  there  are  84  forms  in 
which  the  odd  electron  is  in  the  aromatic  portion  of  the  radical. 


The  Kekule  resonance  of  any  benzenoid  ring  is  independent  of  the  rest 
of  the  molecule  so  that  when  the  odd  electron  is  on  an  ortho  or  para 
carbon  atom  of  either  phenyl  group,  or  of  the  inner  ring  of  the  biphenyl 
group,  there  are  eight  Kekule  forms,  making  9  X  8  —  72  foims. 
Each  position  of  the  odd  electron  in  the  outer  biphenyl  ling  is  asso¬ 
ciated  with  four  Kekule  forms,  adding  12  more  forms.  The  replace¬ 
ment  then,  of  a  phenyl  group  by  a  biphenyl  group  in  triphenylmethyl, 
increases  the  number  of  Kekule  resonance  structures  from  36  to  84,  and 
is  accompanied  by  an  increase  in  the  degree  of  dissociation  from  1  3 
per  cent  for  hexaphenylethane  to  about  5  per  cent  for  tetraphenyl- 
di-p-biphenylethane. 78  As  expected,  diphenyl-tetra-p-biphenylethane 
™  C.  S.  Marvel,  M.  B.  Mueller,  and  E.  Ginsberg,  J.  Am.  Chem.  Soc.,  61,  2008 
(1939). 


Resonance  and  its  applications 


205 


8.8] 


and  hexa-p-biphenylethane  are  still  more  dissociated  in  solution— 
about  16  and  37 7 9  per  cent,  respectively.  The  twelve  resonance  forms 
of  diphenyl-biphenylmethyl,  for  which  the  odd  electron  is  in  the  outer 
ring  of  the  biphenyl  group,  make  only  a  small  contribution  to  the 
resonance,  because  they  occur  at  the  expense  of  the  Kekute  resonance 
of  the  inner  ring.  Evidence  for  this  is  found  in  the  experimental 
observation78  that  tetraphenyl-di-m-biphenyl,  for  which  the  extra 
twelve  forms  are  not  possible,  is  dissociated  only  to  a  slight  degree  less 
than  is  tetraphenyl-di-p-biphenylethane.  It  is  difficult  to  make  a  close 
comparison  of  these  compounds  from  literature  values  because  the 
degrees  of  dissociation  vary  with  temperature  and  concentration  and 
few  results  are  reported  for  identical  conditions. 

It  is  noteworthy  that  separation  of  two  phenyl  groups  from  the 
ethane  carbon  atoms  of  hexaphenylethane  by  two  vinyl  groups,  a  step 
which  diminishes  the  crowding  about  the  ethane  C — C  bond,  permits  a 
large  dissociation.  For  instance,  tetraphenyl-divinylethane  and  tetra- 
phenyl-anisylvinylethane  are  largely  dissociated  even  in  the  solid 
state.80  Even  more  striking  is  the  fact  that  pentaphenyl-cyclo- 


Tetraphenyl-bis-[a-(/3-phenylstyryl)]-ethane 


Tetrapheny  1-bis-  [a-  (/3,/3  -dianisyl  vinyl)  ]  -ethane 


pentadienyl  is  completely  monomeric  at  room  temperature.81 

S^SZ7^:  W'  Shackleton-  C-  «•  Himel,  and  J.  Whitson,  J.  Am.  CKem. 
"  *•'  22  2257  (1922>- 
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Pentaphenyl-cyclopentadienyl 


The  naphthyl  nucleus  promotes  dissociation  of  hexaarylethanes  to 
a  greater  degree  than  does  the  biphenyl  nucleus,  but  it  cannot  be 
determined  to  what  extent  this  is  due  to  the  inherent  steric  advantage 
that  the  naphthyl  ring  has  over  the  biphenyl  ring.  The  larger  dis¬ 
sociation  of  a-naphthyl-  over  /3-naphthyl-ethane  is  explicable  on  the 
basis  that  there  are  seven  forms  for  the  a-naphthyl,  as  compared  with 
six  for  the  /3-naphthyl  nucleus,  with  the  odd  electron  in  the  aromatic 
nucleus.  For  illustration  the  resonance  forms  of  the  a-naphthyl 
group  containing  the  odd  electron  are 


*  • 

(2)  (2) 


and  for  the  (3  isomer 


Too,  there  is  a  little  significance  in  the  fact  that  four  of  the  seven  forms 
with  the  odd  electron  in  the  a-naphthyl  ring,  in  contrast  to  two  of  the 
six  for  the  /3-naphthyl  ring,  include  the  Kekuld  resonance 

The  effect  of  substituents  in  the  phenyl  groups  upon  the  stability 
of  triphenylmethyl  can  also  be  interpreted  in  terms  of  resonance  theory. 
For  illustration,  in  the  p-anisyl  group,  the  oxygen  atom  offers  an 
additional  position  for  the  odd  electron,  which  makes  possible  a  num 
of  additional  resonance  forms. 
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The  latter  form  not  only  permits  the  Ivekule  resonance,  but  also  the 
negative  charge  can  be  distributed  among  the  nine  ortho  and  para 
carbon  atoms  of  the  three  phenyl  rings,  e.g., 


An  analogous  situation  exists  for  the  p-nitrophenyl  group. 


As  a  result  of  the  contribution  made  by  the  forms  with  the  odd  electron 
on  the  oxygen  atoms,  the  dissociation  is  increased  from  about  3  per 
cent  for  hexaphenylethane  to  close  to  100  per  cent  for  hexa-p-anis vi¬ 
and  hexa-p-mtrophenyl-ethane,  all  in  solution. 

InsteadrftheblWte11  ‘Tr?  h°W  Structures  are  interconvertible. 

the  electron  shifts  occurring  in  pairs,  the  pairs  are  uncoupled, 
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with  single  electrons  migrating  in  opposite  directions.  For  illustra¬ 
tion,  the  shifts  are  indicated  for  the  conversion  of  one  structure  to 
anothei  foi  diphenyl-p-anisylmethyl  free  radical.  Only  the  pertinent 
electrons  are  shown. 


Following  these  lines  of  reasoning,  it  is  possible  to  understand  the 
observed  decreasing  influence  of  groups  to  promote  dissociation, 
which  is  approximately,  1-phenanthryl,  p-nitrophenyl  >  a-naphthyl  > 
o-chlorophenyl,  o-anisyl  >  p-anisyl,  xanthyl  >  p-biphenyl  >  ^-naph¬ 
thyl,  p-alkylphenyl  >  phenyl.  The  relative  effects  of  p-alkyl  groups 
upon  the  dissociation  of  hexaphenylethane  are  not  clearly  understood. 
It  is  observed  that  the  larger  groups  are  more  effective  in  promoting 
dissociation  and  that  the  effect  is  greatest  in  the  ortho  position  and 
least  in  the  para  position. 

Another  type  of  free  radical  of  carbon  that  has  an  appreciable  exist¬ 
ence  in  solution  is  found  in  the  group  of  metal  ketyls.  They  are  formed 
in  an  inert  solvent  by  reaction  between  metallic  sodium  and  ketones 
containing  no  a-hydrogen  atom,  and  are  in  equilibrium  with  the 
corresponding  pinacolates. 


2R2C=0  +  2Na  ->  R2— C— C- 


-R2 


0  0 

/  \ 

Na  Na 


2R2 — C* 

I 

0 


Na 


The  free  radicals  are  stabilized  due  to  a  resonance  among  such  forms  as 


Muller  and  Janke82  have  shown  by  magnetic  susceptibility  measure 
82  E.  Muller  and  W.  Janke,  Z.  Elektrochem.,  45,  380  (1939). 
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merits  that  the  degree  of  dissociation  of  some  of  these  metal  pinacolates 
may  range  up  to  96  per  cent  even  in  the  solid  state. 

Certain  types  of  nitrogen  compounds  dissociate  into  free  radicals 
in  an  analogous  way  to  the  hexaarylethanes.  One  group  of  compounds 
is  that  of  the  tetraarylhydrazines,  which  dissociate  into  two  diphenyl- 
amine  free  radicals. 


The  heat  of  dissociation  of  tetraphenylhydrazine  is  30  kcal  less  than 
that  of  hydrazine.83  Again,  the  dissociation  appears  to  be  affected 
by  steric  hindrance  and  resonance.  It  is  noteworthy,  however,  that 
unlike  with  the  hexaarylethanes,  the  effect  of  a  nitro  group  in  the 
phenyl  rings  of  tetraarylhydrazine  is  opposite  to  the  effects  of  methoxyl 
or  amino  groups.  That  is,  tetra-p-anisylhydrazine  and  tetra-(p- 
dimethylaminophenyl) -hydrazine  are  appreciably  dissociated  in  ben¬ 
zene  solution  at  room  temperature  as  evidenced  by  their  colored 
solutions,  while  tetraphenylhydrazine  must  have  an  elevated  tem¬ 
perature  (90°C)  to  exhibit  any  free  radical  formation.  On  the  other 
hand,  the  nitro  compound  is  hardly  dissociated  even  at  elevated  tem¬ 
peratures.  This  is  understandable  in  view  of  the  resonance  of  the 
undissociated  hydrazine  and  of  the  amino  free  radicals.  In  the  undis¬ 
sociated  hydrazine,  there  is  a  strong  resonance  involving  the  amino 
nitrogens  and  the  nitro  groups  among  such  forms  as 


83  L-  G-  Cole  and  E-  c-  Gilbert,  J.  Am.  Chem.  Soc.,  73,  5423  (1951). 
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This  same  resonance  occurs  with  the  free  radicals,  in  addition  to  the 
odd-electron  resonance  described  for  the  tri-p-nitrophenylmethyl 
radical.  However,  the  interaction  between  the  amino  and  nitro 
groups  is  so  great  that  the  odd-electron  resonance  is  reduced  in  impor¬ 
tance  and  has  little  effect  in  stabilizing  the  free  radical  with  respect 
to  the  hydrazine.  But  with  an  ortho-para  directing  group,  like  the 
methoxyl  or  amino  group,  in  the  phenyl  ring,  there  is  no  resonance 
between  it  and  the  amino  group  of  the  undissociated  hydrazine,  while 
there  is  a  good  odd-electron  resonance  in  the  free  radical. 


Another  class  of  nitrogen  free  radicals  are  those  produced  in  the  oxida¬ 
tion  of  tetraalkylamino-p-phenylenediamines. 


Michaelis  and  his  co-workers  first  showed,  by  the  shape  of  the  oxida¬ 
tion-reduction  titration  curves  at  various  pH’s,  that  the  oxidation 
proceeds  by  one-electron  steps,  and  the  existence  of  the  free  radical 
has  now  been  verified  by  magnetic  susceptibility  measurements.84 
The  free  radical  is  stabilized  by  resonance  among  such  forms  as 


The  important  contribution  of  the  forms  in  which  the  odd  electron  is  in 
the  nucleus  is  made  evident  by  the  fact  that  no  detectable  concentra¬ 
tion  of  the  corresponding  radical  of  di-(dimethylamino)-durene  has 
been  obtained.  The  instability  is  due  to  stenc  hindrance  of  the 
o-methyl  groups  which  prevents  the  coplanar  configuration. 

«  L.  Michaelis  and  S.  Granick,  /.  Am.  Ckero.  So c  65  1W  (1943);L.  Michaelis, 
J.  Am,  Chem.  Soc.,  63,  2446  (1941);  Chevi.  Rev.,  16,  243  (1935). 
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(iv)  Biradicals.  There  are  some  molecules  possessing  an  even 
number  of  electrons,  yet  two  electrons  are  unpaired  with  regard  to 
their  spins,  making  the  molecules  paramagnetic.  Such  molecules  are 
called  biradicals,  and  are  usually  very  reactive.  One  such  substance, 
unusual  in  that  it  is  stable,  is  oxygen,  whose  electron  structure  was 
discussed  in  Sec.  8.3.  The  presence  of  two  unpaired  electrons  in 
oxygen  has  been  verified  spectroscopically,85  and  of  course,  oxygen  is 
paramagnetic. 

One  of  the  first  organic  molecules  reported  to  be  a  biradical  is  the 
Tschitschibabin  hydrocarbon86  (XXIX). 


It  can  be  formed  through  the  series  of  reactions: 


Cl  Cl 


86  R.  S.  Mulliken,  Phys.  Revs.,  32,  880  (1928). 
86  A.  E.  Tschitschibabin,  Ber.,  40,  1810  (1907). 
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Although  the  hydrocarbon  is  diamagnetic,87  its  solutions  absorb 
oxygen.  If  the  two  unpaired  electrons  were  independent,  the  sub¬ 
stance  would  be  paramagnetic.  On  the  other  hand,  the  hydrocarbon 
does  catalyze  the  para  to  ortho  hydrogen  conversion,  a  fact  that  indi¬ 
cates  the  presence  of  unpaired  electrons.  To  explain  these  properties 
of  the  Tschitschibabin  hydrocarbon,  one  can  conceive  a  resonance  for 
the  substance  among  the  forms  a-d,  in  which  d  represents  all  forms 
containing  the  odd  electron  on  any  of  the  ortho  or  para  carbon  atoms 
of  the  six  phenyl  rings.  Among  the  conditions  for  resonance  is  the 

(a)  (C6H5)i — C — /  \ — /  \ — C — (C6Hj)i 


one  that  resonance  forms  must  be  of  the  same  multiplicity,  i.e.,  have 
the  same  number  of  magnetically  unpaired  electrons,  fo  satisfy  this 
condition,  the  odd  electrons  of  forms  (a)  and  (d)  must  have  opposite 
spins;  this  is  also  necessary  in  order  that  they  can  form  covalent  bonds 
to  give  form  (b). 

By  studying  the  para-ortho  conversion  of  hydrogen,  Schwab  and 
Agliardi88  estimated  XXIX  to  be  about  10  per  cent  biradical  in  a 
dilute  benzene  solution.  Now,  if  any  effect  were  to  prevent  structure 
a  from  going  into  the  quinoidal  form  b,  it  would  increase  the  diradical 
character  of  the  substance.  Accordingly,  the  meta  isomer  XXX,  which 
cannot  have  a  quinoidal  form,  is  found  to  have  a  small  paramagnetism. 
The  biradical  readily  dimerizes,  but  magnetic  studies  indicate  it  to  be 


about  6-8  per  cent  dissociated  in  solution  at  75  C. 

8’  E.  Muller  and  I.  Mliller-Rodloff,  Ann.,  517,  134  (1935). 
88  G.  M.  Schwab  and  N.  Agliardi,  Ber.,  73,  95  (194U). 
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In  addition,  the  quinoidal  structure  of  type  (b)  above  can  also  be 
prevented  by  steric  hindrance.  Thus  the  compound  XXXI  is  para- 


XXXI 

magnetic,  and  is  about  28  per  cent  biradical89  in  benzene  at  80°C,  while 
XXXII  is  67-83  per  cent  biradical  at  the  same  temperature.90 


A  biradical  of  structure  (a)  has  the  Kekul6  resonance  energy  in  its 
favor  with  respect  to  the  quinoidal  structure  (b).  With  increasing 
number  of  phenyl  groups  between  the  two  carbon  atoms  possessing 
odd  electrons,  the  Kekule  resonance  gives  the  biradical  form  greater 
importance  until  finally  the  two  odd  electrons  may  become  independ¬ 
ent  and  the  molecules  have  a  mass  paramagnetism.  Muller  and 
Pfanz91  found  this  to  be  true  for  the  hydrocarbons  XXXIII  and 
which  are  paramagnetic  in  both  the  solid  state  and  in 

solution. 


(C6H6)2-C 


C — (C6H5)2 


XXXIII 


(C£H5)2 — c 


C — (C6H6)2 


XXXIV 


In  a  reversible  reaction,  certain  energy  quantities  of  interest  are 

he  EST™  rrg  6S  X  the  forward  a,ld  reverse  reactions  and 
the  heat  of  reaction  (or  difference  in  energy  content  between  that  of 

products  and  that  of  the  reactants).  The  activation  energy  is 
ll  p  S'  iJeuhoff-  Ber->  72,  2063  (1939). 

si  F  S6r  an1  S'  TietZ’  Ber •’  74’  807  (1941)- 
E.  Muller  and  H.  Pfanz,  Ber.,  74,  1051  (1941). 
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obtainable  from  the  temperature  coefficient  of  the  rate  of  reaction, 
and  the  heat  of  reaction  from  the  temperature  coefficients  of  the 


equilibrium  constant. 

t 

i  i 

B 

Relative 

<  products 

potential 

A 

energy 

reactants 

’ 

C 

' 

Thus,  in  the  diagram,  A  and  B  are  the  activation  energies  for  the 
forward  and  reverse  reactions,  respectively,  and  C  is  the  heat  of 
reaction.  In  this  case,  the  forward  reaction  is  endothermic.  For 
dissociations  into  free  radicals,  it  is  assumed  that  B  is  zero,  hence  the 
activation  energy  for  dissociation  is  set  equal  to  the  bond  dissociation 
energy.  Therefore,  when  resonance  energy  causes  a  net  stabilization 
of  the  free  radicals,  it  decreases  the  activation  energy,  i.e.,  the  bond 
dissociation  energy.  This  is  beautifully  illustrated  in  the  bond 
dissociation  energies  of  the  following  compounds. 


Diss. 

Diss. 

(C-H) 

energy 

(C-C) 

energy 

CHa— H 

101.0  kcal 

c6h6— c6h6 

103  kcal 

C6H5CH2 — H 

77.5 

CHa— CHa 

85 

CH2=CH — CH2 — H 

76.5 

c6h6ch2— ch2c6h6 

47 

ch2=ch— ch2— ch2— ch=ch2 

38 

(C6H6)3C— C(C6H6)3 

11 

The  energy  of  the  C — H  bond  in  toluene  and  propene  are  much  lower 
than  that  of  methane  because  the  benzyl  and  allyl  free  radicals  are 
stabilized  by  resonance  among  the  following  forms 


ch2=ch-ch;  ,  *ch2-ch=ch2 


Similarly,  the  dissociation  energy  of  the  C  C  bond  of  dibenzyl  and 
diallyl  are  much  lower  than  that  of  ethane  owing  to  the  same  resonance 
as  pictured  above.  The  C— C  bond  of  hexaphenylethane,  of  course,  is 
further  weakened  by  steric  hindrance  as  previously  discussed.  Ihe 
dissociation  energy  of  the  C-C  bond  of  biphenyl  is  increased  over 
that  of  ethane  owing  to  its  double  bond  character  from  resonance 


among  forms  such  as 


-  ,  etc. 
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Supplementary  Reading 

1.  G.  W.  Wh eland,  Advanced  Organic  Chemistry ,  2d  ed.,  Wiley,  New  York,  1949, 
pp.  679-749. 

2.  G.  E.  K.  Branch  and  Melvin  Calvin,  The  Theory  of  Organic  Chemistry,  Prentice- 
Hall,  1941,  pp.  317-339. 

8.8c.  Three-atom  tautomerism.  Three-atom  tautomerism 

H  H 

i  i ' 

A— B=C  A=B — C 

is  quite  prevalent,  with  usually  one  tautomer  being  much  more  stable 
than  the  other.  For  example,  as  expected  from  the  summations  of 
bond  energies,  amides,  oximes,  and  hydrazones  are  more  stable  than 
imidols,  nitroso  compounds,  and  aliphatic  azo  compounds,  respectively. 

Amide  Imidol  compound 
0  0— H 

✓  / 

R— C  R— C 

\  \ 

NH,  N— H 


Oxime 

H 


Nitroso  compound 


R— C 


\ 


N— OH 


Hydrazone 


R2C 


\ 


R — CH2 

\ 

N=0 

Azo  compound 
H 

/ 

R2C 


N-NHR  N=N — R 

Another  common  pair  of  tautomers  is  the  enol-keto  couple. 


H  H 


C=C— 0 


c — c=o 


From  bond  energies,  the  keto  isomer  is  more  stable  bv  about  IS  ral/ 

TsiXle  aldehydes1  and^e  tones'  'what' ^  *  deteCted 
of  tautomers  is  the  fact  that  i  1  ^  interesting  about  this  pair 

-  - 
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forms.  For  illustration,  the  effects  of  (1)  hydrogen  bonding,  (2)  steric 
hindrance,  and  (3)  resonance  may  be  considered. 

1.  Hydrogen  bonding.  When  a  second  carbonyl  group  occurs  in  the 
beta  position  to  the  carbonyl  group  of  a  ketone,  the  enol  form  is 
stabilized  through  chelation,  which  amounts  to  about  7  kcal/mole. 


R  h2  R 


/H.. 

O  0 


R/Cys 


Acetone  is  completely  ketonic,  whereas  acetylacetone,  CH3COCH2- 
COCH3,  is  92  per  cent  enolic;  however,  this  large  enol  content  cannot 
be  attributed  solely  to  chelation,  for  it  will  be  seen  shortly  that  it  is 
partially  due  to  resonance  too. 

2.  Steric  hindrance.  Aliphatic  aldehydes  and  ketones  give  only 
negligible  tests  for  the  corresponding  vinyl  alcohols. 

H  H 

I  / 

r2— C— C=0  r2c=c— 0 

\  \ 

R  R 


On  the  other  hand,  some  stable  2,2-diarylvinyl  alcohols  have  been 
prepared.92  It  appears  that  when  bulky  groups  are  attached  to  the 
olefinic  carbon  atoms  of  the  enol,  spontaneous  isomerization,  i.e., 
tautomerization,  is  somewhat  inhibited.  I  or  instance,  the  enol  and 
keto  forms  of  XXXY  are  both  isolable  and  undergo  rearrangement 
only  upon  vigorous  catalysis. 


3  Resonance.  Resonance  may  affect  the  keto-enol  equilibrium  bv 
a  relative  stabilization  of  either  the  keto  or  enol  form.  Thus  phenol 

R.  C.  Fuson  and  T.  Tan,  /.  Am  Chem  Son.,  70,  602  (1948);  R.  C.  Fuson, 
D.  J.  Byers,  and  N.  Rabjohn,  J.  Am.  Chem.  Soc.,  63,  2639  (1941). 
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exists  almost  100  per  cent  in  the  enol  form  because  the  KekuR  reso¬ 
nance  makes  the  enol  form  more  stable  than  the  keto  form  by  about 

15  kcal. 


However,  the  bond  energies  of  several  keto  groups  may  outweigh  the 
Kekule  resonance  energy.  Thus  1,3,5-trihydroxyphenol  gives  a  dark 
color  with  aqueous  ferric  chloride  (typical  of  enols)  and  also  gives  a 
trioxime;  this  shows  the  presence  of  both  the  triketone  and  the  enol 
forms. 


Returning  to  1,3-diketones  again,  in  addition  to  stabilization  of  the 
enol  form  by  hydrogen  bond  formation,  the  enol  form  is  further 
stabilized  by  resonance.  For  a  simple  1,3-diketone,  the  resonating 
forms  are  merely  those  of  two  isolated  carbonyl  groups. 


0  0 


0  0 


0- 

■>+ 


0 


0 


Ri  Hz  R2  ,  Rl  R2  ,  Ri  g  r2  ,  r' 


/Vc< 

H2 


R, 


On  the  other  hand,  the  conjugated  system  in  the  enolic  modification 
has  several  favorable  features. 

The  a,fi-e none  system: 

/H, 

0  0 

I  II 


r; 


H 


R2 


A 

p/CY^c\ 

Ri  g  R2 


rH"r 

^H: 

0  '0 

•  afV-K, 

/C+  ^c. 

-  s 

-Oi 

> 

■o 

.  Ay, 

o- 

// 

O— 

r2 


r2 
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E 


II 


II 


First  of  all,  the  a,/?-e none  system  has  a  greater  resonance  energy  than 
a  simple  ketone.  Second,  the  vinylog  of  a  carboxylic  acid  system 
should  have  a  resonance  energy  of  at  least  60  per  cent  of  that  of  a 
carboxylic  acid,  or  about  15  kcal.  Third,  the  enol  form  is  stabilized 
through  hydrogen  bonding  by  more  than  the  usual  0 — H  •  •  •  0 
bond  energy  of  6  kcal  because  of  the  favorable  charge  distribution  in 
the  polar  resonating  structures  of  the  enol.93  The  increased  electron 
density  arising  from  resonance  at  the  noncovalently  bonded  oxygen 
atom  of  the  O — H  •  •  •  O  bonds  leads  to  a  greater  hydrogen  bond 
energy  and  further  stabilizes  the  enol  tautomer.  Moreover,  the 
essential  equivalence  of  forms  A  to  A'  and  B  to  B'  increases  the  signifi¬ 
cance  of  resonance  in  the  enolic  modification.  The  combined  stabiliza¬ 
tion  of  the  enol  form  through  resonance  and  hydrogen  bonding  in 
simple  1,3-diketones,  then,  outweighs  the  greater  bond  energy  of  the 
diketone  by  about  2  kcal.94  Thus  the  enol  tautomer  is  the  more 
stable,  and  a  simple  diketone  such  as  acetylacetone  has  an  equilibrium 
constant  of 


The  enol  content  of  a  1,3-diketone  is  also  markedly  affected  by  the 
type  of  groups  attached  to  the  carbonyl  carbon  atoms.  If  there  is  an 
aryl  group  on  one  of  the  carbonyl  groups,  the  substitution  resonance 
effect  can  be  taken  as  the  difference  between  the  resonance  energies  o 
styrene  and  acetophenone. 


mus 
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With  two  aryl  groups,  the  difference  in  favor  of  the  enol  form  is  enough 
to  make  diaryl-1, 3-diketones  100  per  cent  enolic  in  solution. 

In  an  acetoacetic  ester  R — CO — CH2 — COOR,  which  consists  of 
an  OR  group  attached  to  a  carbonyl  group  of  a  1,3-diketone,  there  is  a 
cross-conjugation.  Cross-conjugation  is  the  term  used  when  the 
resonances  of  two  conjugated  systems  are  in  opposition  to  one  another. 
Thus  the  resonance  of  the  ester  group  of  the  acetoacetic  ester 


0 


0 


0 


O 


C  C 

/  \  /  \  , 

R  CH2  0 


R  C  C  R 

/  \  /  \+/ 

,  R  CH2  O 


occurs  at  the  expense  of  the  resonance  of  the  enol  form  and  causes  a 
decrease  in  the  enol  content.  Accordingly,  the  enol  content  of  some 
esters  is  found  to  decrease  as  follows: 


69  per  cent 


54  per  cent 


R. 


H 


"O' 


R 


<  1  per  cent 


95 


enol  form  tapreslt^oLy,  Jl'cw °f 
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8.8d.  Oxidation  potentials  of  quinones.  Reduction  of  a  quinone 
to  the  corresponding  hydroquinone  with  hydrogen  is  a  reversible 
reaction,  so  that  the  free  energy  change  for  this  reaction  can  be  deter¬ 
mined  with  reference  to  the  hydrogen  electrode. 


H2  ?=►  2H+  +  2e- 

quinone  +  2e~  +  2H+  *=♦  hydroquinone 
quinone  +  H2  «=±  hydroquinone 


The  potential  E  for  this  reaction  is  given  by  the  expression 
E 


_  RT ,  __  _  RT  .  [hydroquinone] 

E>-^lnK  =  E0-^ln\»ninole][il+]i 


(7) 


(8) 


where  E 0  is  the  potential  when  the  concentration  of  hydroquinone  and 
quinone  are  equal  and  the  hydrogen  ion  activity  is  unity;  R  and  T  are 
the  gas  constant  and  absolute  temperature,  respectively;  n  is  the 
electron  change  in  reducing  quinone  to  hydroquinone  =  2;  /  is  the 
faraday;  K  is  the  equilibrium  constant;  and  the  quantities  in  paren¬ 
theses  represent  the  respective  concentrations.  At  25°C,  eq.  (8) 
reduces  to  eq.  (9). 


,  [quinone] 

E  =  E o  +  0.05912  log  [H+]  +  0.02956  log  [hydroquino^j 


(9) 


From  thermodynamics,96  the  relationships  in  eq.  (10)  may  be  written, 


E  o  — 


—  A  F° 
nf 


-A  H°  TAS 

+ 


nf 


nf 


(10) 


where  A F°,  A H°,  and  AS  are  the  changes  in  free  energy,  heat  content, 
and  entropy,  respectively,  in  producing,  in  this  case,  hydroquinone 
from  quinone.  It  can  be  seen  that  d(E0)/d{T)  =  AS /rtf,  so  that  the 
slope  of  the  line  when  the  normal  potential  (E0)  of  a  quinone  is  plotter 
against  the  temperature  will  give  the  entropy  change.  It  turns  out 
that  this  temperature  coefficient  of  the  normal  electrode  potentials  for 
a  large  number  of  quinones  is  about  the  same,  that  is,  0./  mv,  degree. 
This  corresponds  to  an  entropy  change  of  about  -32  ca  A  eg,  w  c 
approximately  is  the  entropy  loss  for  one  mole  of  hydrogen  in  t  e 
reaction  Therefore  an  oxidation  potential  may  be  taken  as  a  mea 
of  the  difference  in  heat  content  between  a  quinone  and  the  corre¬ 
sponding  hydroquinone,  and  the  order  of  normal  electrode  potentials 
of  a  series  of  quinones  should  correspond  to  the  sequence  of  re 

..  See  any  textbook  of  physical  chemistry  or  thermodynamics,  gtor  e-mple, 
W.  J.  Moore,  Physical  Chemistry,  Prentice- Hall,  Ne  , 
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heat  content  differences  between  the  quinones  and  the  corresponding 
hydroquinones. 

The  calculated  bond  energies  of  the  quinone  plus  hydrogen  exceed 
the  bond  energy  of  hydroquinone  by  about  5  kcal/mole,  whereas  the 
experimental  difference  is  42  kcal,  in  favor  of  the  hydroquinone.  It 
might  be  suspected  that  resonance  energy  has  caused  this  difference. 
If  so,  the  greater  the  resonance  energy  of  the  hydroquinone  with 
respect  to  the  quinone,  the  greater  should  be  the  increase  in  heat 
content  in  reducing  the  quinone,  and  hence  the  greater  should  be  the 
normal  potential  of  the  quinone.  Berliner,97  and  also  Spruit,98  have 


0  0.2  0.4  0.6  0.8 


ir2s,  volt. 

Fig^  8.2.  Illustration  of  the  linear  relationship  between  oxidation  potentials  and 
differences  in  resonance  energies  of  quinones  and  corresponding  hydroquinones.®9 


found  this  expectation  to  be  true.  That  is,  they  found  a  linear  rela¬ 
tionship  between  the  electrode  potentials  of  quinones  and  the  difference 

in  resonance  energy  between  the  quinones  and  their  corresponding 
hydroquinones99  (see  Fig.  8.2). 

Since  resonance  energies  due  to  Kekuld  forms  are  of  much  greater 
magnitude  than  the  resonance  energies  due  to  ionic  forms,  it  can  be 


ll  S'  ®e^llner>  J-  Am ■  Chem.  Soc.,  68,  49  (1946). 

O.  J.  bpruit,  Chem.  Weekblad,  43,  544  (1947')  Cf  M  r  t 

a°d  T  DcHccr,  Trans.  Faraday  Soc.,  45,  312  (1949)  ’  *  Gergdy’ 

oee  the  comments  of  M.  G  Evans  and  i 
Quart  Revi.  Chem.  Soc.  Loudon,  IV  (1)  (1950)  p.'  U3  °n  *  treatment’ 
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expected  for  a  series  of  quinone-hydroquinone  pairs  that  the  potential 
of  the  quinones  will  depend  largely  upon  the  relative  number  of 
homopolar  forms  of  the  hydroquinone  and  quinone.  For  instance, 
there  is  one  homopolar  form  of  p-benzoquinone  and  two  for  hydro¬ 
quinone.  For  1 ,4-anthraquinone,  the  ratio  is  3 :4,  and  for  9,10-anthra- 
quinone  it  is  4:4. 


1 ,4-Anthraquinone : 


9,10-Anthraquinone: 


Branch  and  Calvin100  found  by  plotting  the  per  cent  change  in  forms, 
(n*  -  »,)/(»»  +  nq),  against  the  potentials  for  a  series  of  quinones, 
where  nq  and  nh  are  the  number  of  such  homopolar  forms  for  the 
quinones  and  hydroquinones,  respectively,  that  the  points  approxi¬ 
mate  a  straight  line.  . 

The  contributions  from  ionic  forms  to  the  resonance  of  the  quinones 
and  hydroquinones  become  more  important  when  substituents  are 
present  in  the  nucleus.  From  the  ionic  forms  ol  a  quinone 

■««  G.  E.  K.  Branch  and  M.  Calvin,  The  Theory  of  Organic  Chemistry,  Prentice- 
Hall,  New  York,  1941,  p.  310. 
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the  electron  density  of  the  ring  is  decreased,  and  any  group  which  will 
tend  to  offset  this  decrease  (these  are  ortho-  and  para- directing  groups) 
will  help  to  stabilize  a  quinone.  For  instance,  the  ionic  forms  become 
more  important  through  the  contribution  from  forms  such  as 


Similarly,  the  ionic 


o=cy~°~ 

H3C— 0  + 


forms  of  a  hydroquinone 


0— II 


increase  the  electron  density  of  the  nucleus,  and  any  group  which  will 
tend  to  offset  the  increase  (me/a-directing  groups)  will  stabilize  the 
hydroquinone.  That  is,  there  would  be  greater  resonance  among  ionic 
forms  such  as 


Therefore  me/a-directing  groups  stabilize  the  hydroquinone  with 
respect  to  the  quinone,  and  ortho-  and  para-directing  groups  have  the 
opposite  effect.  Since  -E0  is  proportional  to  AH,  a  relative  stabiliza¬ 
tion  in  favor  of  the  hydroquinone  decreases  AH,  and  hence  makes  E0 
more  positive.  Stabilization  of  the  quinone  with  respect  to  the  corre¬ 
sponding  hydroquinone  then  would  make  E0  more  negative. 

The  oxidation  potentials  of  many  quinones  have  been  studied  by 
W  and  h*  co-workers, -mo,  and  some  of  their  results  are  ,isted  / 

Tables  8.15  and  8.16.  It  can  be  seen  that  ortho-  and  para-directing 

iot  l  p'  a"dy-  i-  Chem.  So c.,  57,  491  (1935). 

L.  I1,  rieser,  J.  Am.  Chem.  Soc.,  51,  3101  (1929). 
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groups103  do  make  the  E 0  value  of  a  parent  quinone  more  negative, 
while  weto-directing  groups  have  the  opposite  effect. 


.  Table  8.15 

Effect  of  Substitution  on  the  Potential  of  2-Substituted  1,4- 

Naphthaquinones 101 


[E°  (unsubstituted)  =  0.48  volt] 


Substituent 

A E°  (mv) 

Substituent 

A E°  (mv) 

NHCH3  . 

-252 

NHCOCH3 . 

-  67 

OH  . 

-217 

CH(C6H6)2 . 

-  51 

nh2 

-210 

c6h6 . 

-  32 

nhc6h5 

-198 

OCOCH3 . 

-  9 

OC4H0  (n-)  . 

-133 

Cl . 

+  24 

OCHj 

-131 

S03Na . 

+  69 

ch3  . 

-  76 

so2c6h4ch3 . 

+  121 

Table  8.16 


Effect  of  Substituents  in  the  1  or  3  Position  on  the  Potential  of 

Phenanthraquinone 102 

[E°  (unsubstituted)  =  0.460  volt] 


Substituent 

A E°  (mv) 

Substituent 

A E°  (mv) 

NTT. 

-98 

Br . 

+28 

-64 

COOH . 

+49 

-50 

co2ch3 . 

+58 

HP  TT 

-39 

COCelh . 

+59 

+  9 

CN . 

+76 

so3h . 

+23-30 

no2 . 

+91 

Supplementary  Reading 

1.  G.  E.  K.  Branch  and  M.  Calvin,  The  Theory  of  Organic  Chemistry,  Prentice- 

Hall  New  York,  1941,  pp.  303-317.  .  . 

2  M  G  Evans  and  J.  DeHeer,  “Relation  Between  the  Oxidation-Reduction 

‘  Potentials  of  Quinones  and  their  Chemical  Structure,”  Quart.  Revs.  Chem.  So  . 
London,  IV,  (1),  94  (1950). 

loa  The  apparent  anomalies,  Br  and  Cl,  do  have  the  expected  effect,  which  is 
explained  in  Chapter  10. 
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9.1  Molecular  absorption  of  energy 

The  external  energy  of  a  molecule,  such  as  kinetic,  is  manifested  by 
its  molecular  translational  motion  and  is  not  quantized;  therefore 
the  molecule  may  gain  or  lose  such  energy  in  any  finite  quantity.  In 
contrast  to  this,  the  internal  energy  of  a  polyatomic  molecule,  compris¬ 
ing  electronic,  vibrational,  and  rotational,1  is  quantized.  Conse¬ 
quently  molecules  may  gain  or  lose,  say  through  absorption  or  liber¬ 
ation  of  light  energy,  only  integral  amounts  of  these  three  forms  of 
energy.  Being  too  difficult  to  determine,  the  total  internal  energy  of  a 
molecule  is  not  measured,  but  only  changes  in  internal  energy.  There¬ 
fore  it  has  been  found  convenient  to  represent  changes  in  the  available 
internal  energy  of  a  molecule,  called  its  potential  energy,  by  charts  or 
scales  (Fig.  9.1).  The  position  of  a  molecule  in  this  scale  with  reference 
to  its  potential  energy  is  called  its  energy  state. 

Changes  in  electronic  energy  involve  relatively  large  quanta,  or 
units,  of  energy  because  they  correspond  to  alterations  in  electron 
configurations  of  molecules  which  usually  amount  to  differences  by 
one  or  more  valence-bonds.  Changes  in  vibrational  energy,  which 
is  the  energy  for  vibrations  of  atoms  composing  a  molecule,  involve 
smaller  quantities  of  energy.  Still  more  minute,  a  molecule  may  lose 
or  gam  integral  amounts  of  rotational  energy,  corresponding  to  rota¬ 
tions  of  atoms  about  given  axes  in  the  molecule.  These  involve  quanta 
of  energy  even  smaller  than  those  for  vibrational  energy.  This  means 

Z forTh  tCriC,State  there  ■*  a  number  of  vocational  spates 
n  r  f  Vlbratl0nal  state>  there  are  a  number  of  rotational  states 
all  of  which  can  be  represented  by  the  typical  diagram  in  Fig  9  1  ’ 

is  C^H  r  TTSy  level  0f  the  molecule  under  no,'mal  conditions 
is  called  its  ground  state,  and  the  succeeding  higher  electronic  levels 

wm7o^“;ih°ef  “otr8nd&  energy 
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represent  the  first,  second,  •  •  •  ,  excited  states,  with  energies  E0, 
E i’  E*>  ‘  '  *  >  respectively.  Similarly,  at  each  electronic  plateau’ 
there  are  the  ground  and  the  first,  second,  third,  •  •  •  ,  excited  vibra¬ 
tional  states,  and  for  each  vibrational  level  there  are  the  ground  and 
excited  rotational  states. 

If  a  molecule  gains  a  small  amount  of  energy,  say  of  the  order  of 
magnitude  of  that  from  a  light  source  in  the  far  infrared  region  of  the 
spectrum,  this  will  be  sufficient  to  change  only  the  rotational  energy 
of  the  molecule,  no  matter  in  which  vibrational  state  or  electronic  state 
it  may  be.  If  the  light  source  is  of  greater  energy  whose  frequency  lies 
in  the  near  infrared,  the  quanta  of  energy  are  large  enough  to  change 
both  the  vibrational  and  rotational  energies  of  the  molecule.  Finally, 
if  the  excitation  energy  is  greater,  such  as  that  from  ultraviolet  light, 


Electronic 

states 


E2 


Rotational 

states 


Vibrational 

states 


E  o 


Fig.  9.1.  Potential  energy  diagram  for  a  polyatomic  molecule. 


changes  in  all  these  forms  of  internal  energy  may  occur.  In  general 
it  is  found  that  these  energy  changes  take  place  with  certain  regularities 
with  regard  to  changes  in  electronic,  vibrational,  or  rotational  states, 
and  have  been  accounted  for  according  to  selection  rules.  These 
rules  bring  up  some  complex  concepts  and  will  not  be  discussed  here. 

By  studying  changes  in  the  internal  energy  of  molecules,  a  wealth 
of  information  may  be  gained  concerning  their  constitutions,  and 
one  of  the  best  methods  of  studying  these  internal  energy  changes  is 
through  spectroscopy.  An  absorption  spectrum  is  obtained  by  placing 
an  absorbing  medium  between  a  light  source  and  a  recorder.  A  photo¬ 
graphic  plate  or  photoelectric  cell  serves  as  a  recorder  for  the  visible 
and  ultraviolet  regions,  and  for  the  infrared  region,  thermopiles  or 
bolometers  are  used.  The  medium  absorbs  light  of  certain  wave¬ 
lengths— characteristic  quanta  of  electronic,  vibrational,  and  rota¬ 
tional  energies— and  this  abstraction  of  certain  wavelengths  of  light 
produces  in  the  spectrum  of  the  light  source  a  set  of  dark  lines  or  bands 
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against  a  continuous  background.  In  recent  years,  the  common 
procedure  has  been  to  measure  the  intensity  of  the  light  before  and 
after  passing  through  the  medium  at  continuously  varying  wave¬ 
lengths  of  the  light,  and  to  determine  the  wavelengths  of  light  at  which 
occurs  the  greatest  amount  of  absorption.  From  this  data,  a  hand- 
drawn  or  automatically  recorded  graph  is  made  of  the  amount  of 
absorption  versus  the  wavelength  of  light.  In  actual  practice,  eithei 
frequency  or  wave  number  may  be  used  in  place  of  wavelength,  and  the 
amount  of  absorption  may  be  expressed  as  absorbency,  per  cent  trans¬ 
mission,  or  molar  absorbency  index.2  The  interconversion  of  these 
various  units,3,4  the  techniques  and  optical  instruments  of  spectro¬ 
photometry,6,6,7,  and  the  several  sources  of  energy  for  spectroscopy3,6 
will  not  be  discussed  here,  for  these  topics  are  considered  adequately 
in  the  footnote  references.  For  convenience,  there  is  given  on  page  228 
a  table  of  units  and  one  of  the  approximate  wavelengths  of  the  regions 
of  concern  in  this  book,  including  the  corresponding  energies. 

With  a  light  source  of  wavelength  in  the  far  infrared  or  microwave 
regions  of  the  spectrum,  a  pure  rotational  spectrum  may  be  obtained, 
which  is  caused  by  changes  in  the  rotational  energies  of  the  absorbing 
molecules.  Equipment  necessary  to  work  in  the  far  infrared  has  not 
been  commercialized  and  only  a  few  investigators  have  constructed 
the  apparatus  for  making  studies  in  this  region  of  the  spectrum.  Con¬ 
sequently  such  spectra  are  not  common.  With  a  light  source  in  the 
near  infrared,  changes  in  the  vibrational  and  rotational  energies  of 
the  substance  take  place  to  produce  a  rotational-vibrational  spectrum. 
Such  spectra  are  the  result  of  absorption  by  the  molecules  of  light 
energy,  which  is  consumed  by  various  modes  of  vibration  and  rotation 


2  The  most  common  terms  used  for  the  quantitative  measure  of  absorption 
at  a  given  wavelength  are  molar  extinction  coefficient  E,  and  optical  density  O.D. 
In  an  attempt  to  establish  a  uniform  logical  system  of  terminology,  the  National 
Bureau  of  Standards  has  adopted  a  set  of  terms  for  spectral  transmission  or  absorp¬ 
tion  of  radiant  energy.  The  major  changes  include  replacement  of  the  above 
two  terms  by  absorbency  As  for  optical  density,  and  molar  absorbency  index  aM  for 
molar  extinction  coefficient  The  terms  recommended  by  the  National  Bureau  of 
Standards  {Letter  Circular  LC  857,  May  19,  1947)  will  be  used  in  this  book 
pp  g_10Herzberg’  Atomic  SVedra  and  Atomic  Structure ,  Dover,  New  York,  1944, 

Wil^N^w  Yort'lOsl  pI2°rCh‘n'  H11™*  °f  Aromatic  Compounds, 

6  p"*  p'  ?rr0de’  Che7^icaJ'  Spectroscopy,  Wiley,  New  York,  1939. 

Prentice-Hall ^New^ork,  1948°^’  ^  J‘  R‘  Loofourow>  Practical  Spectroscopy, 

IntZi VOln  (f'  A- 

New^S'  Meth0dS  "  Chemiml  A™1*™’™-  iM.  W.  Q.  Bert ),'  Actwlemic,* 
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Abs.  volts 

Ergs/molecule 

Cal /mole 

Wave  numbers  (cm-1) 

1 

1.602  X  10-12 

23,053 

8067 

6.242  X  1011 

1 

1.439  X  1016 

5.036  X  1015 

4.34  X  10-5 

6.95  X  10-17 

1 

0.35 

1.2395 

1.986  X  10-16 

2.86 

1 

Region 

Wavelength  (A) 

Energy  (cal/mole) 

Microwave 

107-108  (3.5-0.05  cm-1) 

10 

Far  infrared 

105-107  (4,000-10,000  cm-1) 

103 

Near  infrared 

103-106  (1,250-4,000  cm-1) 

104 

Visible 

4,000-8,000 

5  X  104 

Near  ultraviolet 

100-1,000 

105 

Far  ultraviolet 

1-100 

10* 

of  the  atoms  making  up  the  molecules.  U  nder  moderate  dispersion,  a 
vibrational  spectrum  consists  of  a  number  of  bands,  each  associated 
with  a  definite  vibrational  change.  Under  finer  resolution,  each 
band  may  be  found  to  be  composed  of  a  large  number  of  lines,  each 
associated  with  a  definite  change  in  rotational  energy.  Finally,  with 


a  source  of  high  energy,  say  a  beam  of  light  of  wavelength  in  the  ultra¬ 
violet  or  visible,  the  corresponding  spectrum  is  called  an  ultraviolet 
or  visible  spectrum.  In  addition  to  producing  changes  in  electronic 
energy,  a  great  many  vibrational  and  rotational  changes  occur  also,  so 
that  at  high  resolution,  an  ultraviolet  spectrum  is  a  very  complicated 
pattern  of  lines  caused  by  superposition  of  the  ultraviolet,  vibrational, 
and  rotational  spectra. 

To  the  organic  chemist,  ultraviolet,  infrared,  and  Raman  (bee.  9.8) 
spectra  offer  the  widest  application.  Microwave  and  x-ray  spectro¬ 
scopy  are  postwar  developments,  and  their  potential  usefulness  is  not 
fully  appreciated  yet.  Although  the  measurement  of  the  characteris¬ 
tics  of  a  spectrum  is  made  (i.e.,  wavelength,  absorbency,  etc.)  for  eac 
type  of  spectroscopy,  different  principles  and  techniques  are  used.  JN  o 
one  type  is  universally  applicable;  each  method  is  used  as  a  com¬ 
plement  rather  than  a  substitute  for  the  others  the  selection  of  the 
type  of  spectroscopy  for  a  specific  problem  depends  upon  amo  g 
other  factors,  the  properties  and  structure  of  the  V-  d  ti » 
information  sought,  as  well  as  sometimes,  the  available  apparatus. 


Supplementary  Reading 

1.  N.  D.  Coggeshall,  Chap.  4  of  A.  Farkas,  Physical  Chemistry  of  the  Hydrocarbons, 
Vol.  I,  Academic,  New  York,  1950. 
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9.2  Infrared  spectroscopy 8 

9.2a.  Theory  of  infrared  absorption.  The  industrialization  of 
infrared  spectroscopy  has  come  about  just  in  the  last  decade.  e 
apparatus  used  in  the  early  development  of  the  method  required 
tedious  labor  to  convert  the  recordings  into  spectra  and  the  many 
advantages  it  has  to  offer  were  slow  to  be  recognized.  Now  several 
companies,  as  for  instance,  Baird  and  Associates,  Beckmann  Labora¬ 
tories,  Perkin-Elmer  Corporation,  have  meters  on  the  market  wit 

automatic  recording  attachments.  ...  . 

When  considering  infrared  spectra,  it  is  important  to  keep  in  mind 
that  a  molecule  is  like  a  group  of  spheres  joined  together  by  springs  of 
varying  length  and  tensile  strength.  Absorption  of  energy  is  analogous 
to  jarring  the  aggregate  of  spheres.  Each  sphere  will  be  set  into  a 
vibratory  motion,  depending  primarily  upon  its  mass  and  the  charac¬ 
teristics  of  the  springs  holding  it  in  place.  If  a  ball  is  hanging  from 
the  ceiling  by  a  spring,  when  the  ball  is  pulled  down  and  released,  it  is 
set  into  a  vibratory  motion.  As  long  as  the  spring  retains  its  resilience, 
each  time  the  ball  is  pulled  down  to  the  same  mark  and  released,  it  will 
vibrate  with  the  same  amplitude  and  frequency.  For  the  same  initial 
stretch  of  the  spring,  the  motions  will  be  changed  by  substituting 
another  spring  for  the  first,  or  by  changing  the  mass  of  the  ball.  Now 
if  a  second  ball  is  hung  from  the  first  by  a  spring  and  the  top  ball  is 
pulled  down  to  the  same  former  mark  and  released,  its  vibrations  will 
be  altered  from  the  original  amplitude  and  frequency.  Thus  the 
oscillatory  motion  between  a  given  pair  of  balls  held  together  by  a 
spring  depend  partially  upon  what  other  balls  are  attached  to  each 
and  upon  the  properties  of  the  binding  springs. 

In  a  similar  fashion,  when  a  molecule  absorbs  infrared  radiation, 
the  atoms  are  set  in  vibratory  motions,  depending  upon  their  masses 
and  binding  forces.  Each  type  of  vibration  requires  a  certain  amount 
of  energy,  which  is  extracted  from  the  light  source  and  is  made  evident 
in  the  absorption  spectrum.  Any  given  type  of  bond,  viz.,  C — C, 
C=0,  N — H,  etc.,  will  absorb  energy  of  a  characteristic  frequency,  but 
this  frequency  will  be  altered  slightly,  depending  upon  what  other 
types  of  atoms  are  attached  to  the  atoms  of  that  bond,  And  since  each 
atom  may  vibrate  in  different  directions,  any  one  type  of  bond  may 
absorb  light  energy  at  two  or  more  different  frequencies.  For  instance, 
several  oscillatory  motions  are  possible  for  the  angular  methylene 

8  The  results  of  a  current  exhaustive  survey  of  the  literature  on  infrared  spec¬ 
troscopy  may  be  obtained  from  E.  Carroll  Creitz,  National  Bureau  of  Standards 
Washington,  D.  C.,  who  is  secretary  of  the  National  Research  Council  Committee 
on  Infrared  Spectroscopic  Data. 
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H  H 

\  / 

group  C  some  of  which  are  sketched  below.  The  simultane¬ 
ous  displacements  of  the  carbon  (solid  circles)  and  hydrogen  (open 
circles)  atoms  at  a  given  instant  are  indicated  by  arrows.  One-half 
period  later,  each  arrow  would  be  reversed  in  direction.  The  dis¬ 
placements  perpendicular  to  the  plane  are  indicated  by  +  and  - 
signs. 


Symmetrical  Unsymmetrical  Bending 

stretching  stretching 


+  +  + 


Wagging  Twisting  Rocking 


For  a  molecule  consisting  of  n  atoms,  there  will  be  3n  —  6  (linear 
molecules  have  one  less  degree  of  freedom)  modes  of  vibration,  and 
each  mode  will  have  its  own  characteristic  absorption  frequency. 
The  number  of  absorption  bands  which  are  observed  however,  is 
reduced  by  certain  symmetry  factors.  It  has  been  found  that  infrared 
absorption  is  strong  only  when  there  is  a  change  in  the  electric  moment 
of  the  molecule,  hence  for  unsymmetrical  vibrations.  A  simple 
illustration  can  be  given  for  ethylene9  and  in  Fig.  9.2,  the  normal  modes 
of  vibration  for  the  C2H4  molecule  are  represented.  Below  each  mode 
is  given  the  approximate  absorption  frequency,  first  for  C2H4  and 
second  for  C2D4.  In  nine  of  the  12  vibrational  modes,  the  atoms  mo\e 
only  in  the  plane  of  the  figure. 

The  amplitudes  of  the  hydrogen  atoms  are  greater  than  those  of 
the  carbon  atoms,  chiefly  because  of  their  smaller  masses,  but  in 
every  case,  the  carbon  atoms  move  to  some  extent.  Because  of  their 
symmetrical  character,  the  oscillations  in  the  first  column  of  Fig.  9.2 
do  not  give  rise  to  infrared  bands.  Fortunately,  however,  they 
produce  the  most  intense  Raman  lines  (Sec.  9.3),  and  their  frequences 
may  thus  be  determined.  Aj  gives  the  symmetrical  hydrogen  stretch¬ 
ing  vibrations,  while  A,  and  A,  give  symmetrical  bending  vibrations. 
The  energies  required  for  C— H  bending  are  much  less  than  for  stretch¬ 
ing,  and  accordingly  the  absorption  frequencies  are  lower. 

9  E.  F.  Barker,  Record  Chem.  Progress,  Fall  (1950),  p.  165. 


825 

580 


Fig.  9.2. 

Normal  modes  of  vibration  for  ethylene.9 
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Fig.  9.3.  Normal  modes  of  vibration  for  formaldehyde.9 


For  comparison,  the  normal  modes  of  vibration  for  formaldehyde, 
H2CO,  and  formaldehyde-d2,  D2CO,  are  given  in  Fig.  9.3.  All  six 
modes  are  infrared  active,  that  is,  produce  infrared  absorption  bands. 
Notice  the  large  differences  in  the  C— FI  stretching  and  bending 
frequencies  between  similar  modes  for  ethylene  and  formaldehyde. 

As  a  first  approximation,  the  expression 


v  =  1307  Vk/fi  cm-1 

is  found  to  hold  for  stretching  vibrations,  where 


(1) 


v  is  the  absorption 
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frequency  in  wave  numbers,  k  is  the  bond  force  constant  (the  force 
lequiied  to  stretch  a  given  bond  1  cm)  and  u  is  the  reduced  mass10 
of  the  two  atoms.  With  this  equation,  it  is  possible  to  estimate  the 
absorption  frequency  of  a  given  bond.  For  example,  for  the  C— H 
bond  in  methane,  k  and  /x  have  values  close  to  5  X  105  dynes/cm  and 
1,  respectively.  Thus  j>C-h  =  1307  V'5A  =  2920  cm-1.  For  the 
C=0  bond  in  acetone,  k  =  12  X  105  dynes/cm  and  n  =  6.8,  so  that 
^c=o  =  1307  \/l2/6.8  =  1730  cm-1.  In  the  infrared  spectra  of  these 
two  compounds,  there  are  strong  bands  at  2915  and  1744  cm-',  respec¬ 
tively.  Moreover,  alkanes  and  ketones  in  general  are  found  to  have 
absorption  bands  close  to  these  calculated  frequencies. 


9.2b.  Application  of  infrared  spectroscopy.  Infrared  spectro¬ 
scopy  is  being  utilized  in  many  types  of  research  investigations  and 
industrial  processes,  some  of  which  can  be  stated  as  follows:  (1)  assign¬ 
ment  of  molecular  structure,  (2)  qualitative  and  quantitative  analysis, 
(3)  study  of  reaction  kinetics  and  mechanisms  through  detection  of 
transient  products,  (4)  study  of  isomerism,  tautomerism,  association, 
and  polymerization,  (5)  provision  of  data  for  calculation  of  thermo¬ 
dynamic  functions,  moments  of  inertia,  and  bond  distances,  and  (6) 
study  of  crystal  structure  by  polarized  radiation.  Most  of  these 
applications  are  the  result  of  the  observation  that  many  simple  com¬ 
pounds  having  a  common  bond  type  exhibit  one  or  more  absorption 
bands  at  approximately  the  same  frequencies.  Over  a  period  of  time, 
following  the  pioneering  work  of  W.  W.  Coblenz  and  of  J.  Lecomte,  the 
typical  absorption  regions  of  the  common  structural  bonds  have  been 
identified  and  recorded,11  some  of  which  are  given  in  Table  9.1.  The 
presence  of  a  band  in  the  region  where  a  given  bond  usually  absorbs 
does  not  necessarily  mean  the  presence  of  that  bond,  but  the  absence  of 
a  band  near  the  frequency  that  is  characteristic  of  that  bond  does 
mean  that  the  bond  is  absent. 

(i)  Qualitative  Analysis  and  Structure  Assignment.  In  the  literature 
there  are  many  cases  of  the  use  of  infrared  spectra  either  to  verify  a 
proposed  structure  for  a  given  compound  or  to  aid  in  the  elucidation 
of  a  molecular  structure  (see  Chapter  11).  For  instance,  infrare 
spectroscopy  was  used  to  help  establish  the  identity  of  synthetic  folic 
acid  with  that  from  natural  sources.12  A  simple  illustration  is  the 


io  The  reduced  mass  of  two  bodies,  m  and  m2,  is  equal  to  m  =  +  *»*)• 

lures,  by  H.  M.  Randall,  R.  G.  Fowler,  N.  Fuson,  and  J.  R.  Dangl,  Van  Nostran  , 
Ne*  E°rB.  Angler  et  al„  Science,  102,  227  (1945). 
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Table  9.1 


Group 


C— C 
C— 0 
C— N 
C=C 
c=o 

C=N 

C^C 

C=0 

C=N 


Frequency 

Compound 

Group 

Frequency 

993 

CH3CH3 

C— H 

2915 

1034 

CH3OH 

O— H 

3640 

1045 

CH3NH2 

N— H 

3370 

1623 

ch2=ch2 

3315 

1744 

h2co 

S— H 

2597 

1653 

ch3ch=noh 

C— F 

1049 

C— Cl 

732 

1975 

hc=ch 

C— Br 

610 

2169 

CO 

C— I 

532 

2089 

HCN 

Compound 


CH4 

CHsOH 

CH3NH2 

ch3sh 

ch3f 

ch3ci 

CH3Br 

CH3I 


*  Ta-You  Wu,  J.  Chem.  Phys.,  10,  122  (1942);  R.  B.  Barnes,  U.  Liddel,  and 
V.  Z.  Williams,  Ind.  Eng.  Chem.,  Anal.  Ed.,  15,  659  (1943). 

conclusion  reached  from  infrared  spectra  that  amides  exist  primarily 
in  the  keto  form  rather  than  the  enol  form.13  This  is  based 


0 


R— C 

\ 

nh2 

Keto  form 


0— H 

/ 

R— C 

\ 

N— H 
Enol  form 


on  the  fact  that  amides  have  spectra  that  resemble  the  spectra  of 
N,A-disubstited  amides,  RCONR2,  for  which  there  is  no  enolic  modi¬ 
fication.  Another  elementary  illustration11  is  provided  by  a  substance 
formerly  listed  in  some  catalogues  as  2-mercapto-thiazoline  (I)  which 
should  have  absorption  bands  near  2550  cm-1  for  the  SH  group  and 
in  the  range  1588-1695  cm-1  for  the  C=N  bond.  Instead,  it  has  a 
band  at  3130  cm"1  and  another  at  1512  cm-1,  which  can  be  interpreted 
as  arising  from  an  N— H  bond  and  a  N — C=S  group.  Consequently, 
the  assigned  structure  was  revised  to  II,  which  was  subsequently 
supported  by  chemical  tests. 


S— CH, 


H— S— C 


\ 


N— CH, 


S=C 


S— CH, 


N— CH 


H 

II 


13 


R.  E.  Richards  and  H.  W.  Thompson,  J.  Chem.  Soc.,  1248  (1947). 
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Many  other  cases  are  found  in  the  recent  literature14  where  infrared 
spectroscopy  was  instrumental  in  reassignment  of  structures  to 
molecules. 

One  fallacious  expectation  of  beginners  in  the  field  of  infrared 
spectroscopy  is  that  all  the  bands  in  a  spectrum  will  be  correlated  with 
molecular  structure,  and  also  that  bands  arising  from  the  various 
bonds  always  appear  at  the  same  frequency.  The  topic  has  been  over¬ 
simplified  in  textbooks,  and  novices  expect  to  be  able  to  measure  the 
spectrum  of  a  compound  and  say  from  that  what  types  of  bonds  are 
present.  It  is  true  that  the  regions  of  absorption  for  various  bond 
types  are  known,  but  the  actual  absorption  frequency  for  a  given  bond 
A-  41  may  be  altered  by  as  much  as  400  wave  numbers,  depending 
upon  what  other  groups  are  attached  to  atoms  A  and  B.  For  example, 
the  C — H  frequencies  differ  for  CH,  CH2,  and  CH3  groups,15  and  the 
C=0  frequency  varies,  depending  on  whether  the  compound  is  an 
ester,  an  anhydride,  an  aldehyde,  etc.  This  is  illustrated  in  Fig.  9.4 
where  are  given  the  spectra  of  four  similar  compounds  containing 
different  types  of  carbonyl  groups.  In  a,  the  single  band  number  3 
is  due  to  the  «,/3-unsaturated  carbonyl  group;  in  b,  band  number  20 
is  assigned  to  the  aliphatic  carbonyl  group  and  band  to  the  ester 
carbonyl  group;  in  c,  each  of  these  three  bands  occur  together;  in 
d,  the  fourth  type  of  carbonyl  group  (the  carbon  atom  being  part  of  a 
saturated  ring)  gives  rise  to  band  number  11. 

The  carbonyl  band  has  been  a  particularly  popular  point,  and 
many  observations  have  been  made  of  the  effect  of  structural  modifica¬ 
tions  upon  its  absorption  frequency.  For  instance,  its  frequency  is 
found  to  vary  with  the  type  of  substituent  in  the  aromatic  nucleus  of 
acetophenone.16 


p-Substituent 

Frequency 

nh2 

1635  cm"1 

OH 

1638 

och3 

1660 

Br 

1665 

no2 

1688 

This  trend  seems  logical,  for  with  groups  in  the  para  position  that 

14  For  example,  A.  N.  Wilson  and  S.  A.  Harris,  J .  Am.  Chem.  Soc.,  71,  2231 
(1949);  C.  S.  Marvel  et  al.,  /.  Am.  Chem.  Soc.,  71,  34  (1949);  R.  B.  Woodward  and 
B.  Withop,  J.  Am.  Chem.  Soc.,  71,  379  (1949);  C.  W.  Smith  and  R.  S.  Rasmussen, 
J.  Am.  Chem.  Soc.,  71,  1080  (1949);  E.  C.  Kornfeld,  R.  G.  Jones,  and  T.  V.  Parke, 
J.  Am.  Chem.  Soc.,  71,  150  (1949);  R.  B.  Woodward  and  G.  Singh,  J.  Am  Chem. 
Soc.,  71,  758  (1949);  J.  Cymerman  and  J.  B.  Willis,  J.  Chem.  Soc.,  1332  (1951). 

15  J.  J.  Fox  and  A.  E.  Martin,  Proc.  Roy.  Soc.  London,  175,  208  (1940). 

16  A.  H.  Soloway  and  S.  L.  Friess,  J .  Am.  Chem .  Soc.,  73,  5000  (1951). 
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Fig.  9.4.  Infrared  absorption  curves  to  illustrate  absorption  bands  of  various 

types  of  carbonyl  groups.17 


are  capable  of  an  interaction  resonance  with  the  carboxyl  group,  the 
latter  group  will  have  a  certain  single-bond  character. 


h2n- 


jT\ 


0 


o- 


h2n 


-J  v 


ch3 


/ 

,  c 

=/  \ 


CH; 


Since  absorption  frequencies  are  smaller  for  single  bonds,  the  greater 
the  contribution  from  the  ionic  form,  the  lower  will  be  the  carbonyl 


17  Private  communication  from  Jonas  Carol  of  the  Chemical  Branch  of  the 
Division  of  Medicine,  Food  and  Drug  Administration,  Federal  Security  Agency 
Washington,  D.  C. 
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frequency.  Although  the  precise  value  of  the  carbonyl  frequency  is 
affected  by  the  structure  of  a  compound,  the  frequency  for  some  basic 

atomic  groupings  are  found  to  be  close  to  the  following  values  (in  wave 
numbers) : 


Anhydride . 

Sat.  carboxylic  acid  salt 

....  1587 

Sat.  acid  chloride . 

Steroids: 

5-membered  ring  lactone. . 

. ...  1770 

16-keto . 

6-membered  ring  lactone.  . 

. ...  1739 

7-keto . 

Sat.  aliphatic  ester.  . 

. . . .  1739 

12-keto . 

Sat.  aliphatic  aldehyde . 

. . . .  1739 

20-keto . 

Sat.  aliphatic  acid.  .  .  . 

. . . .  1724 

A9- 12-keto . 

Sat.  aliphatic  ketone . 

. . . .  1724 

A16-20-keto . 

. . . .  1668 

Conjugated  aldehyde . 

. . . .  1686 

A35-diene-7-keto . 

. . . .  1663 

Sat.  amide . 

...  1672 

Thus  to  confirm  the  structure  of  a  given  molecule  from  its  spectrum, 
the  spectra  of  similar  compounds,  whose  structures  are  known,  should 
be  taken  for  comparison.  In  verifying  the  presence  of  a  given  type  of 
bond,  common  practice  is  to  determine  the  absorption  frequency  for 
that  bond  when  similar  but  of  course  not  identical  groupings  are 
attached  to  the  bond.  The  circumstance  that  the  characteristic 
absorption  frequencies  for  a  given  type  of  bond  vary  with  molecular 
structure  around  that  bond,  is  indeed  fortunate,  for  it  makes  possible 
the  distinction  of  isomers.  This  is  a  powerful  advantage  that  infrared 
spectroscopy  offers  analytical  chemistry,  so  that  it  is  a  pleasure  to  give 
several  illustrations. 

Equilenin  and  isoequilenin  differ  by  merely  the  14-hydrogen  atom 
being  cis  or  trans  to  the  I3-CH3  group,  and  the  effect  of  this  minor 
structural  difference  upon  their  spectra  can  be  seen  in  Fig.  9.5.  For 
instance,  equilenin  has  sharp  bands  at  8.2  /z,  9.4  n,  and  9.9  n,  which  are 
absent  in  the  spectrum  of  isoequilenin,  whereas  the  latter  compound 


shows  greater  absorption  at  8.6  n  and  10.5  n  than  does  equilenin. 
Again,  in  Fig.  9.6  there  is  shown  the  effect  of  cis  or  trans  OH  and  CHs 
groups.  In  9-dehydro-14-isoestradiol-17-a  the  13-CH3  and  17-OH 
groups  are  trans,  while  they  are  cis  in  9-dehydro-  14-isoestradiol-17-p. 
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Fig.  9.5.  Infrared  absorption  spectra  of  the  methyl  ethers  of  equilenin  (a)  and 


isoequilenin  (b)  in  CS2.18 


Fig.  9.6.  Infrared  absorption  spectra  of  the  benzenesulfonate  esters  of  9- 
dehydro-14-isoestradiol-17-a  (a)  and  9-dehydro-14-isoestradiol-17-/3  (b)  in  carbon 
disulfide  solution.19 

Ill  the  spectra  of  their  benzensulfonate  esters,  there  is  a  large  band  at 


9-Dehydro- 14-isoestradiol-17-a  9-Dehydro-14-isoestradiol-17-/3 

18  D.  Banes,  J.  Carol,  and  E.  O.  Haenni,  J.  Biol.  Chem.,  187,  557  (1950). 

19  J.  Carol,  J .  Am.  Pharm.  Assoc.,  Sci.  Ed.,  39,  425  (1950). 
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10.3  n  in  the  spectrum  of  the  0  isomer  that  does  not  appear  in  the 
spectrum  of  the  a  isomer.  Two  more  examples  of  the  effect  of  cis - 
trans  isomerism  on  infrared  spectra  are  shown  in  Fig.  9.7.  Curves 
(a)  and  (b)  are  spectra  of  the  dibenzenesulfonates  of  estradiol- 17-« 
(trans)  and  estradiol- 17-/3  (cis)  in  which  the  trans  isomer  has  tall  bands 
at  10.2  /x,  10.3  m,  and  12.7  n  that  are  not  found  in  the  spectrum  of  the  cis 
isomer.  Curves  (c)  and  (d)  are  the  spectra  of  the  dibenzenesulfonates 
of  dihydroequilenin-17-/3  (cis)  and  dihydroequilenin-17-a  (trans) 


Dihydroequilenin-17-a  (trans)  Dihydroequilenin-17-/3  (cut) 


and  here  the  cis  has  a  sharp  characteristic  peak  at  12.75  y,  while  the 
trans  has  a  peak  of  10.8  y  which  the  cis  does  not  have. 

The  spectra  of  cis-trans  isomers  of  other  classes  of  compounds  differ 
somewhat  too.20  For  example,  the  trans  isomers  of  9,10-epoxy  deriva¬ 
tives  of  stearic  acid 

CH3 — (CH-), — CH - CH — (CH2)z-CH2OH  9,1 0-Epoxy stearyl  alcohol 

\  / 

0 

CH5— (CH2)t — CH - CH— (CH2)t— COOH  9,10-Epoxystearic  acid 

\  / 

0 

CH3 — (CH2)t — CH - CH — (CH2)t — COOCH3  Methyl  9,10-epoxystearate 

\  / 

0 

20  M.  M.  Davies,  J.  Chem.  Phys.,  8,  583  (1940);  R.  N.  Jones,  P.  Humphries, 
F.  Herling,  and  K.  Dobriner,  J.  Am.  Chem.  Soc.,  73,  3215  (1951). 
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have  an  absorption  band  at  11.2m,  whereas  the  cis  isomers  have  a 
band  at  12m  21  M.  F.  Bell22  has  made  spectroscopic  analyses  ol  multi- 
component  mixtures  of  cis-tram  isomers  of  hydrocarbons  and  has 
reported  individual  absorption  bands  for  the  isomers  of  each  pair. 


Wavelength  in  microns 

_  FiS-  9-7-  Infrared  absorption  spectra  of  the  dibenzene  sulfonates  of  estradiol- 
1  t-a(trans)  (a),  estradiol-17 -0(cfs)  (b),  dihydroequilenin-17-a(irans)  (c),  and  dihy- 
droequilenin-17-£(cfs)  (d),  in  CS2.19 


Some  examples  can  be  given  here,  with  the  wavelengths  listed  in 
microns. 


23,  27°'(?95?l'.r'!Ve’  M'  R'  Heeth0r’  H-  B'  Knight’  a',d  Swern’  Anal  Chem - 
22  M.  F.  Bell,  Anal.  Chem.,  22,  1005  (1950). 
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/rans-l,3-Dimethylcyclohexane .  11  64  11  91 

ct‘s-1, 3-Dimethylcyclohexane .  g  99’  jq  52  11  76 

trans-l,  3-Dimethylcyclopentane .  g71 

cis-l,3-Dimethylcyclopentane .  10.19 

l-cis-2-cis-3-Trimethylcyclopentane .  9.20 

l-czs-2-<rans-3-Trimethylcyclopentane .  9.25 

l-<rans-2-as-3-Trimethylcyclopentane .  10.11 

l-czs-2-cis-4-Trimethylcyclopentane .  8.98 

l-cis-2-<rans-4-Trimethylcyclopentane .  9.82 

l-irans-2-as-4-Trimethylcyclopentane .  8.69 

ci$-l,4-Dimethylcyclohexane .  9.13 

trans-l, 4-Dimethylcyclohexane .  9.27 

CTS-l,2-Dimethylcyclohexane .  9.64,  9.95 

trans-l,  2,  Dimethylcyclohexane .  7.77,  10.34 

cis-1 ,2-Methylethylcyclopentane .  10.68 

trans-l  ,2-Methylethylcyclopentane .  10.99 


It  is  not  strange  then,  that  each  of  the  five  known  geometric 
isomers  of  hexachlorocyclohexane  has  an  absorption  band  that  is 
distinct  for  that  isomer.  Their  spectra  are  shown  in  Fig.  9.8. 

Structural  and  position  isomers  too,  have  spectra  that  are  dis¬ 
tinguishable.  For  example,  Bell22  has  reported  individual  absorption 
bands  for  many  position  isomers  of  hydrocarbons,  some  of  which  are 
listed  here. 


2- Methyl  pentane . 

3- Methylpentane . 

2.2- Dimethylpentane .  . 

2.3- Dimethylpentane . 

2.4- Dimethylpentane . 

3,3-Dimethylpentane . 

2.2- Dimethylhexane. . . 

2.3- Dimethylhexane. . . 

2.4- Dimethylhexane. .  . 

2.5- Dimethylhexane. . 

3.3- Dimethylhexane. . 

3.4- Dimethylhexane. . 

2.2.4- Trimethylhexane 

2.2.5- Trimethylhexane 

2.4.4- Trimethylhexane 

2.3.5- Trimethylhexane 


13.52 

10.50 

13.51 
8.93 

12.34 

9.97 

13.72 

8.88,  13.51 
13.04 
10.86 
12.78 

8.92,  10.53 

8.05 

8.33 

9.91,  10.21 
8.95 


It  can  be  expected  that  the  position  of  a  double  bond  will  have  a 
noticeable  effect  upon  the  spectrum  of  a  substance,  since  it  is  probable 
that  for  the  two  positions,  the  double  bond  will  not  be  between 
atoms  with  identical  groups  attached.  For  example,  m  «-  and 
/3-pinene,  the  double  bond  occurs  between  different  types  of  substi 
tuted  ca  bon  atoms,  and  it  can  be  seen  in  Fig.  9.9  that  their  spectra 
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Gamma  isomer 
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Fig.  9.8.  Infrared  absorption  curves  of  the  five  known  isomers  of  hexachloro- 

cyclohexane.23 


Wavelength  in  microns 


Fig.  9.9.  Infrared  absorption  curve  of  alpha-  and  beta-pinenes.24 

23  L.  W.  Daasch,  Anal.  Chem.,  19,  779  (1947). 

24  J.  E.  Tyler,  Interchem.  Rev.,  Winter  (1950),  p.  91. 
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are  markedly  different  in  certain  ranges.  Again,  8-  and  9-dehydro-14- 


9-Dehydro-14-isoestrone 


isoestrone  differ  by  the  positions  of  a  double  bond,  and  in  the  spectra 
(Fig.  9.10)  of  their  benzenesulfonate  esters,  it  can  be  seen  that  the 
9-isomer  has  two  bands  (9.4  n  and  9.8  /i)  that  are  missing  for  the 


Wavelength  in  microns  Wavelength  in  microns 

Fig.  9.10.  Infrared  absorption  spectra  of  the  benzenesulfonate  esters  of  8-dehydro- 
1 4-isoestrone  (a)  and  9-dehydro- 14-isoestrone  (b).19 

8-isomer.  In  general,  the  absorption  frequencies  for  conjugated 
multiple  bonds  are  about  30  cm“»  larger  than  for  corresponding  non- 
conjugated  multiple  bonds,  but  there  is  no  definite  regularity  about 

this  frequency  shift.25 

Owing  to  spatial  requirements,  certain  modes  of  vibration  lor  a 
particular  bond  in  one  isomer  may  be  restricted,  and  therefore  the 
absorption  band  corresponding  to  this  mode  may  be  shifted  or  non- 

»  R.  S.  Rasmussen,  D.  D.  Tunnicliff,  and  R.  R.  Brattain,  J.  Am.  Chem.  See., 
71,  1068,  1073  (1949). 
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existent  for  that  isomer.  Thus  the  spectra  of  stereoisomers  will  differ 
somewhat  too.  For  instance,  Kuhn26  has  found  that  a-  and/3-met  y  - 
glucosides,  and  a  and  /3  forms  of  other  sugars,  may  be  distinguished 
readily  by  their  spectra.  It  is  interesting  to  note  in  this  connection, 
that  the  acetates  of  ^-glucose,  a-cellobiose,  and  a-cellotnose  can  be 
distinguished  by  their  spectra,  but  the  tetramer  and  pentamer  have 
spectra  that  differ  very  little  from  that  of  the  trimer. 


H 

| 

OAc 

H 

1 

OAc 

CH2OAc 

l 

1 

AcO  Jr 

1/  OAc 

1 

9\  OAc 

H  \  1 

AcO  Jr 

1/  OAc 

Kj 

H/9 

i/h 

?\H 

HXC 

1 

C 

w--o' 

?\H 

HXC 
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„  ?\0AC 

-O'- 

OAc 

CH2OAc 

CH2OAc 

H 

OAc 

a-Glucosepentaacetate  a-Cellobioseheptaacetate 


H 

i 

OAc 

I 

AcO  Jr 

1/  OAc 

9\h 

hXc 

H 

HXC 

V!~ 

CH2OAc 


CH2OAc 


H  OAc 


a-Cellotriosehenedecaacetate 


H 

i 

OAc 

H 

'c— 
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OAc 

l 


C, 

H 

0 


OAc 

I 

:c 

H 


CHjOAc 


Finally,  in  the  spectra  of  ortho,  meta,  and  jpara  isomerides  will  be 
found  absorption  bands  that  are  characteristic  of  each  isomer.27  For 
illustration,  the  spectra  of  o-,  m-,  and  p-bromochlorobenzenes  are 
shown  in  Fig.  9.11  along  with  that  of  chlorobenzene.  The  charac¬ 
teristic  absorption  peaks  are  easily  identified. 

In  Sec.  9.2c  it  is  shown  that  hydrogen  bonding  too  causes  the 
absorption  band  of  a  given  bond  type  to  occur  at  a  different  position. 
For  instance,  the  3650-cm_1  band  of  the  0 — H  group  may  be  shifted 
by  300  wave  numbers,  the  3060-cm-1  band  of  an  N— H  group  by  about 
400  wave  numbers,  and  the  1700-cm— 1  band  of  carbonyl  groups  by 
about  100  wave  numbers. 


It  can  be  seen,  then,  that  infrared  spectra  are  as  individual  as 
are  fingerprints.  For  this  reason,  many  types  of  qualitative  analyses 

26  L.  P.  Kuhn,  Anal.  Chem.,  22,  276  (1950). 

27  C.  W.  \  oung,  R.  B.  Du  Vail,  and  N.  Wright,  Anal.  Chem.,  23,  709  (1951). 
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Fig.  9.11.  Infrared  absorption  spectra  of  chlorobenzene,  o-,  to-,  and  p-bromo- 

chlorobenzene.28 


may  be  performed  by  infrared  spectroscopy.  Typical  problems'29 
would  be  characterization  of  a  substance  known  to  be  one  of  several 
possibilities,  or  determination  of  the  purity  of  a  substance. 


Supplementary  Reading 

1.  H.  M.  Randall,  N.  Fuson,  R.  C.  Fowler,  and  J.  R.  Dangl,  Infrared  Determina¬ 
tion  of  Organic  Structures,  Van  Nostrand,  New  York,  1949. 

2.  G.  Herzberg,  Infrared  and  Raman  Spectra  of  Polyatomic  Molecules,  Van  Nos¬ 
trand,  New  York,  1945. 

3.  R.  C.  Gore,  “Annual  Review  of  Infrared  Spectroscopy,”  Anal.  Chem.,  21,  7 
(1949);  22,  7  (1950);  23,  7  (1951). 

4.  N.  D.  Coggeshall,  Anal.  Chem.,  22,  381  (1950). 

28  l.  N.  Ferguson  and  A.  J.  Levant,  Anal.  Chem.,  23,  1510  (1951). 

29  See  the  reviews  of  infrared  spectroscopy  in  Anal.  Chem.  (1949-1951)  where 
references  are  given  to  application  of  infrared  spectroscopy  to  analysis  of  mixtures 
containing  substances  such  as  foods,  pharmaceuticals,  natural  drugs,  peti  oleum 
products,  essential  oils,  carbohydrates,  etc. 
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(ii)  Quantitative  Analysis.  It  is  but  a  short  step  from  qualitative 
to  quantitative  infrared  spectroscopic  analysis,  because  if  an  absorption 
band  can  be  found  that  is  characteristic  of  a  given  component  in  a 
mixture,  the  intensity  of  that  band  is  directly  proportional  to  the 
concentration  of  that  substance.  “  Thus  the  ratio  of  the  intensity 
of  that  band  in  a  mixture  to  the  intensity  for  a  known  concentration 
of  the  pure  substance  will  give  the  concentration  of  the  substance  in 
the  solution.31  For  example,  in  Fig.  9.12  are  the  spectra  of  o-  and 
p-ethylchlorobenzene,  and  two  mixtures  of  them.  As  the  concentra¬ 
tion  of  the  para  isomer  increases  from  zero  to  100  per  cent,  the  intensity 


Ethylchlorobenzene  isomers 


Fig.  9.12.  Infrared  absorption  spectra  of  ortho-  and  para-ethylchlorobenzene.32 


30  This  is  the  normal  case  for  dilute  solutions  and  where  such  phenomena  as 
association  do  not  occur.  For  a  discussion  on  the  exceptions,  i.e.,  cases  where 
Beer’s  law  is  not  followed,  see  the  articles  cited  in  footnote  37. 

31  Calculations  of  the  concentrations  of  components  in  an  n-component  mixture 

involves  solution  of  n  simultaneous  equations.  This  tremendous  computation  for 
five  or  more  components  can  be  simplified  by  use  of  inverted  matrices.  For  a 
short  method  of  evaluating  lower  order  determinants,  see  P.  D  Crout  Trans 
AIEE,  60,  1235  (1941).  ’ 

32  Descriptive  bulletin  of  Dow  Chemical  Company,  Midland,  Mich. 
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of  its  12.2-m  band  increases,  and  simultaneously  the  13. 3-^  band  of  the 
ortho  isomer  decreases.  This  simple  relationship  is  the  basis  for 
analyses  of  systems  that  would  be  difficult,  and  in  many  cases  impossi¬ 
ble,  by  other  techniques.  For  example,  Brown  and  Trotter33  made 
an  infiaied  spectroscopic  investigation  of  the  reaction  between  acetic 
and  butyric  anhydrides,  and  were  able  to  determine  with  satisfactory 
accuracy  the  small  equilibrium  constant,  and  from  the  temperature 
coefficient  of  the  velocity  constant,  the  energy  of  activation  for  the 
reaction.  It  is  remarkable  that  as  early  as  1936,  Barr  and  Plyler34 
measured  the  rate  of  reaction  of  propionic  anhydride  with  acetic 
propionic  anhydride  by  infrared  analysis. 

Two  remarkable  achievements  were  made  by  Griffing  and  Hud¬ 
son,35  who  carried  out  very  accurate  analyses  of  mixtures  of  the 
chlorobenzenes  (i.e.,  mono-,  di-,  tri-,  tetra- chlorobenzenes)  containing 
up  to  eleven  components,  and  by  Kent  and  Beach36  who  made  quanti¬ 
tative  analyses  of  mixtures  of  hydrocarbons  containing  up  to  ten 
components  with  a  mean  error  of  0.3  per  cent.  From  the  standpoint 
of  speed,  accuracy,  and  size  of  sample,  there  is  no  doubt  that  the 
infrared  method  here  was  far  superior  to  any  other  in  use  at  the  present 
time. 

Infrared  analysis  has  rapidly  come  to  be  a  very  popular  analytical 
tool,  and  recent  texts37  describe  the  fundamental  techniques  in  admir¬ 
able  manner.  The  quantitative  analysis  of  many  types  of  mixtures, 
such  as  hydrocarbons,22-38  alkylphenols,39  nitroalkanes,40  halogeno- 
cycloalkanes,23  and  steroids,41  have  been  made  with  high  accuracy.  In 
most  cases,  the  authors  ascertain  the  reliability  of  their  analyses  by 
analyzing  synthetic  mixtures  similar  to  the  unknowns. 

A  striking  illustration  of  the  application  of  infrared  spectroscopic 
analysis  is  found  in  the  analysis  of  polymerized  butadiene  for  cis  and 
trans  1,4-addition  and  for  1,2-addition.42 


33  L.  Brown  and  I.  F.  Trotter,  J.  Chem.  Soc.,  87  (1951). 

3“  E.  S.  Barr  and  E.  K.  Plyler,  J.  Chem.  Phys.,  4,  90  (1936). 

35  M.  E.  Griffing  and  R.  L.  Hudson,  Anal.  Chem.,  23,  684  (1951). 

36  J.  W.  Kent  and  J.  Y.  Beach,  Anal.  Chem.,  19,  290  (1947). 

37  o  Beeck  “Infrared  Spectroscopy  in  Analysis’’  in  Frontiers  in  Chemistry, 
Vol.  VII,  Interscience,  New  York,  1949,  pp.  69-101;  M.  G.  Mellon,  Analytical 
Absorption  Spectroscopy,  Wiley,  New  York,  1950. 

38  j.  d.  Stroupe,  Anal.  Chem.,  22,  1125  (1950);  J.  A.  Perry,  Anal.  Chem.,  23, 
495  (1951);  W.  I.  Kaye  and  M.  V.  Otis,  Anal.  Chem.,  20,  1006  (1948). 

39  r.  A.  Friedel  and  L.  Pierce,  Anal.  Chem.,  22,  418  (1950);  O.  E.  Knapp, 
H.  S.  Moe  and  R.  B.  Bernstein,  Anal.  Chem.,  22,  1408  (1950). 

<0  j.  R.  Nielsen  and  D.  C.  Smith,  Ind.  Eng.  Chem.,  Anal.  Ed.,  15,  609  (1943). 
41  J.  Carol  et  al.,  J.  Am.  Pharm.  Assoc.,  Sci.  Ed.,  37  (5),  173  (1948);  39  (8), 

425«R50R.  Hampton,  Anal.  Chem.,  21,  923  (1949);  W  B.  Treumann  and  F  T. 
Wall,  Anal.  Chem.,  21,  1161  (1949);  E.  J.  Hart  and  A.  W.  Meyer,  J.  Am.  Chem. 
Soc.,  71,  1980  (1949). 
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H\  /H 

C=C  / 

ch2, 


cis- 1,4 
(724  cm"1) 


H 

7CH2  A  . 
7  c7  cfi, 

H 

trans- 1,4 
(967  cm-1) 


1,2  or  vinyl 
(911  cm-1) 


From  the  spectra  of  simple  cis  and  trans  olefins  of  the  type  RCH 
CHR,  and  of  RCH=CH2,  it  was  concluded  that  characteristic  bands 
for  these  stereoisomers  occur  at  724  cm'1  for  the  cis,  967  cm"1  for  the 
trans,  and  911  cm"1  for  the  vinyl  compounds.  On  the  basis  of  the 
peak  heights  at  these  wavelengths,  quantitative  determination  of  the 
relative  amounts  of  m-1,4-,  trans- 1,4-,  and  1,2-addition  was  made. 
This  does  not  mean  that  there  is  a  mechanical  mixture  of  separate 
types  of  polymers,  but  that  the  analysis  gives  a  measure  of  the  relative 
proportions  of  the  linear  molecules  that  have  the  above  configurations. 
A  convenient  method  of  analysis  of  polymer  structure  is  quite  valu¬ 
able,  for  it  is  found  that  such  properties  of  synthetic  rubber  as  tensile 
strength,  resilience,  flex  life,  etc.,  are  greatly  affected  by  the  stereo¬ 
structure  of  the  polymer  molecules.  Thus  the  spectroscopic  analytical 
tool  expedites  research  of  the  relative  propertions  of  trans  and  cis- 1,4- 
addition  and  1,2-addition  that  occur  under  various  experimental 
conditions. 

The  equilibrium  between  the  rotational  isomers  of  1,2-dichloro- 
ethane  has  been  a  topic  of  considerable  interest.  In  the  infrared 
spectrum  of  this  compound,  there  are  two  bands,  one  at  1235  cm-1 
and  one  at  1291  cm-1,  whose  intensity  ratio  A  1235/A  mi  is  found  to 
vary  directly  with  the  temperature  (see  Fig.  9.13).  The  equilibrium 
constant  for  the  transition  between  the  trans  and  gauche  isomers  is 
equal  to  the  ratio  of  the  intensities  of  the  characteristic  absorption 
frequencies. 

trans  <=*  gauche 


K  = 


C gauche 


'  trans 


A, 


Hence  by  plotting  the  ratio  at  different  temperatures  against  l/T, 
the  slope  of  the  line  will  permit  calculation  of  the  difference  in  energies 
of  the  two  isomers.  The  results  of  this  procedure  were  discussed  in 
Sec.  5.2. 
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Fig.  9.13.  Infrared  absorption  spectrum  of  1,2-dichloroethane  at  two  different 

temperatures.43 


Supplementary  Reading 
1.  W.  Liittke,  Angew.  Chem.,  63,  402  (1951). 


(iii)  Thermodynamic  Functions  and  Bond  Distances.  From  statis¬ 
tical  mechanics,  the  quantity  denoted  by  Q 


Q  =  2)  u/kt 

i 


(2) 


is  called  the  partition  function,  where  is  the  statistical  number  of 
such  states,  k  is  Boltzmann’s  constant,  T  is  the  absolute  temperature, 
and  ei  is  the  energy  of  a  quantum  state,  i.  Moreover,  the  total  internal 
energy  E  per  mole  of  a  gas  is  expressed  as 


N  2)  p.e.e  ti/kT 

i _ _ 

2)  Pie~ti/kT 


(3) 


where  N  is  Avogadro’s  number  and  the  other  symbols  have  the  same 
meaning  as  in  eq.  (2).  Since  the  heat  capacity  C  and  entropy  £  of  a 
43  H.  J.  Bernstein,  J .  Chem.  Phys.,  17,  258  (1949). 
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gas  are  related  to  its  eneigy, 

C  = 


ds  dE 
T  ~df  =  dT 


both  can  be  derived  from  eq.  (3),  where  the  right-hand  side  is  summed 
over  all  rotational,  vibrational,  and  electronic  energy  states,  io  this 

must  be  added  the  translational  energy.  . 

Calculation  of  thermodynamic  quantities  from  eq.  (3)  is  a  tedious, 
complex  process44  and  is  of  no  special  interest  here.  However,  it  is 
worthy  of  mention  that  the  energies  e<  of  the  various  energy  levels  for 
the  partition  functions  are  obtained  from  infrared  spectra.  Then 
too,  the  height  of  the  potential  barrier  to  internal  rotation  may  be 
determined  from  the  discrepancies  between  statistically  calculated 
entropies  and  experimental  thermochemical  values.  The  information 
obtainable  from  such  a  procedure  was  discussed  in  Sec.  5.2. 

Absorption  of  energy  from  the  far  infrared  and  microwave  regions 
of  the  spectrum  produces  virtually  only  internal  rotations.  The 
rotational  energy  of  a  rigid  symmetrical  molecule  is  given  by  the 
expression 

Yc  =  BJ(J  +  1)  +  (A  -  B)K 2 


where  Er 
c 
h 
Jh 

2t 

Kh 

27T 


rotational  energy  in  ergs 
velocity  of  light 
Planck’s  constant 


total  angular  momentum 


=  the  component  of  the  angular  momentum  parallel  to  the  axis  of 


A  = 


B  = 


symmetry  of  the  molecule 
h 

8T*cIa 

h 

8  T2clb 


=  moment  of  inertia  of  the  molecule  about  an  axis  through  its  center 
of  gravity  and  perpendicular  to  the  molecular  symmetry  axis 
•b>  moment  of  inertia  of  the  molecule  about  its  axis  of  symmetry 

The  quantum-mechanical  selection  rules  for  transitions  between  the 
rotational  energy  levels  are  A J  =  +1,A K  =  0,  so  that  the  frequencies, 
in  megacycles,  of  the  rotational  transitions  are 

„  =  2  B{J  +  1)  =  1>677»40°(d'+  1) 

h 

44  The  various  approximation  methods  are  discussed  by  J  G  Aston  in  A 
Treatise  on  Physical  Chemistry,  Vol.  I,  ed.  by  H  S  Tavlor  and  '<*  fU-L!  A 
Van  Nostrand,  New  York,  1942,  Chap.  4.  Y  d  S>  Glasstone‘ 
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where  J  is  the  angular  momentum  quantum  number  for  the  lower 
rotational  state,  and  Ib  is  in  g  cm2  X  10-«.  Thus  from  the  infrared 
or  microwave  spectrum,  the  moment  of  inertia  of  a  substance  may  be 
determined. 

Ihe  moment  of  inertia  of  a  body  about  an  axis  passing  through 
its  center  of  gravity,  Icg ,  is  given  by  the  expression 


I eg 


=  h 


where  M  is  the  molecular  weight  of  the  molecule,  m{  are  the  masses 
of  the  individual  atoms,  I  is  the  moment  about  any  reference  axis 
perpendicular  to  the  axis  of  symmetry,  and  the  r*  are  perpendicular 
distances  of  the  atoms  from  the  reference  axis;  hence  for  a  given 
molecule,  this  can  be  expressed  in  terms  of  the  atomic  weights  of  the 
atoms  in  the  molecule  and  the  bond  distances.  For  example,  in  the 
case  of  HCN, 

T  ,  ,  ,  1  [wcrcN  +  mH(rcN  +  rue)]2 

Ib  =  wcr2cN  +  WH(rcN  -T  phc)2  —  - 27 - 


where  rCN  and  rHc  are  the  C=N  and  H — C  bond  distances,  mc  and 
mH  are  the  atomic  weights  of  carbon  and  hydrogen,  and  27  is  the 
molecular  weight  of  the  molecule. 

Indirectly  then,  bond  distances  can  be  determined  for  certain 
molecules  from  far  infrared  and  microwave  spectra.  It  can  be  seen 
that  the  rotational  spectrum  is  a  function  primarily  of  the  over-all 
structure  of  the  molecule  and  not  of  certain  bond  types.  The  tech¬ 
niques  and  optics  for  measurements  in  the  far  infrared  are  quite 
difficult,  so  that  investigations  in  this  area  have  been  relatively  few. 
However,  as  a  result  of  wartime  research,  absorptions  in  the  microwave 
region  by  short-wave  electronic  equipment  can  be  measured  with 
exceedingly  high  resolution.  The  method  is  limited  to  molecules  with 
an  appreciable  dipole  moment  and  having  vapor  pressures  abo\  e 
approximately  10~ 4  mm.  In  recent  years,  bond  distances  ha\  e  been 
determined  for  quite  a  number  of  compounds  by  microwave  specti  os- 
copy,  and  in  many  cases  with  higher  accuracy  than  is  possible  by 
diffraction  studies.45  This  is  fortunate,  for  it  may  be  recalled  that 

45  B.  L.  Crawford,  Jr.,  and  D.  E.  Mann,  Annual  Review  of  Physical  Chemistry, 
Vol.  I,  ed.  by  G.  K.  Itollefson,  Annual  Reviews,  Inc.,  Stanford,  Calif.,  1950,  p.  162. 
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hydrogen  atoms  are  not  located  precisely  by  diffraction  measurements. 
So  far,  quantitative  analysis  by  means  of  microwave  spectroscopy 
has  been  extremely  difficult.  Nevertheless,  the  methods  show  promise 
of  being  a  very  useful  tool  for  special  problems. 


Supplementary  Reading 

1  b  p  Dailey,  “Microwave  Spectra  and  Chemical  Analysis,’’  Anal.  Chern.,  21, 
540  (1949). 

2.  W.  Gordy,  “Microwave  Spectroscopy,”  Rev.  Modern  Phys.,  20,  668  (1948). 


(iv)  Dipole  Moments  from  Absorption  Intensities.  A  somewhat 
obscure  application  of  infrared  spectrophotometry  is  determination 
of  dipole  moments  from  band  intensities.46  Infrared  absorption  bands 
are  observable  when  there  are  changes  in  the  dipole  moment  of  a 
molecule  due  to  the  vibration  of  its  component  atoms.  The  intensity 
of  the  bands  are  proportional  to  (dp/ dr)2,  where  p  is  the  dipole  moment 
and  r  is  the  distance  of  atomic  oscillation  from  the  equilibrium  posi¬ 
tion.  Thus  it  is  possible  to  calculate  bond  dipole  moments  from  band 
intensities.  However,  the  procedure  involves  considerable  computa¬ 
tion,  and  the  results  are  found  to  vary,  depending  upon  what  absorp¬ 
tion  frequencies  are  utilized.  The  method  has  met  only  mediocre 
success  and  eventually  may  have  to  be  abandoned,  although  a  few 
studies  are  being  continued  by  E.  B.  Crawford,  H.  W.  Thompson,  and 
others. 


9.2c.  Infrared  spectroscopy  and  hydrogen  bonding 
(i)  Spectroscopic  Evidence  of  Association.  Infrared  spectroscopy 
has  been  a  very  popular  tool  for  studying  hydrogen  bonding  because 
it  can  be  used  for  gases,  liquids,  and  solids,47  and  is  capable  of  detecting 
cases  of  very  weak  association  and  chelation.  The  topic  of  hydrogen 
bonding  has  been  discussed  already  (Sec.  2.8b),  so  that  here  only  the 
interpretation  of  infrared  data  and  its  significance  will  be  presented. 

It  is  conceivable  that  a  liquid  alcohol  may  have  an  associated 
structure  somewhat  similar  to  that  of  water.  When  the  alcohol  is 
dissolved  in  an  inert  solvent,  such  as  CC14,  the  polymeric  structure  is 
broken,  and  if  the  solution  is  progressively  diluted,  the  alcohol  mole- 


46  E-  B.  Wilson  et  al  J.  Chem.  Phys.,  14,  578  (1946);  15,  157  (1947);  A.  M 

(1946)  ’  VS ”  15’  868  (194?);  H-  M-  F°ley’  Phys-  Revs ■’  W,  628 

which^muinffnS°lidH  w  takeawith  or  Preferably  with  emulsions,  for 

hich  a  mull  is  formed  between  the  powdered  material  and  an  oil  such  as  Nuiol 

difW  i  °r  Pf,tro  atum-  /he  latter  are  all  hydrocarbons  of  the  same  type 
differing  only  in  the  degree  of  fractionation.  P  ’ 
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culcs  £11*6  separated  more  and  more  from  one  another.  As  the  average 
intermolecular  distance  increases  upon  dilution,  more  bridges  are 
continuously  broken,  and  the  mean  state  of  aggregation  passes  suc¬ 
cessively  from  the  polymeric  through  the  tetrameric,  trimeric,  and 
dimeric  states,  until  finally  the  alcohol  is  predominantly  monomeric. 
Polymeric,  dimeric,  and  monomeric  states  of  an  alcohol  are  sketched 
in  Fig.  9. 14. 48 
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H  x2.75m 

Polymer  Dimer  Monomer 

Fig.  9.14.  Types  of  aggregation  in  the  association  of  alcohols.49 


Convincing  evidence  has  been  given  by  several  authors49,50  to 
show  that  an  unassociated  O — H  group  exhibits  a  sharp  absorption 
band  at  approximately  2.75  n,  while  an  associated  hydroxyl  group 
gives  rise  to  a  broad  band  near  3  /x-  In  Fig.  9.15  there  is  given  the 
spectra  of  tert- butanol  at  several  concentrations  in  carbon  tetrachloride 
solution.  It  can  be  seen  that  as  the  concentration  decreases,  the 
2.98-ju  band  gradually  disappears  while  simultaneously  the  2.78-m  and 
2.87 -fj.  bands  increase,  and  finally  the  2.87-n  band  disappears.  There 
is  no  progressive  shift  of  the  wavelength  of  the  bands  connected  w  ith 
the  several  states  of  aggregation.  Each  band  is  characteristic  of  a 
given  molecular  state,  and  the  changes  in  the  relative  intensities  of  the 
three  bands  are  dependent  upon  the  relative  population  of  the  three 
states  of  aggregation  in  the  solution,  i.e,  polymeric,  dimeric,  and 
monomeric.  The  free  isolated  O— H  bond  has  the  largest  force  con¬ 
stant  and  consequently  absorbs  at  the  lowest  wavelength.  As  the 
attractions  on  the  hydroxyl  hydrogen  atom  increase,  the  O  H  bon 
force  constant  is  diminished  and  leads  to  absorption  at  longer  wave¬ 
lengths.  Accordingly,  there  have  been  assigned49  absorption  wave¬ 
lengths  of  2.75  n  to  the  free  0-H  bond,  2.76  m  to  the  0-H  bond  that 

49  Compare  with  the  configuration  proposed  by  N.  D.  Coggeshall,  J.  Chem. 
PKyli  RA^mRhand  E.  C.  Creitz,  J.  Research  Nat.  Bur.  Standards,  46  (2),  145 

(1951).  Cl 986V  Trans.  Faraday  Soc.,  34,  728  (1938), 

cl™.!* :163%7o',f3J8’fFo(l9a3S'I:  E.  Martin,  r™,  ^  5ac„ 
36,  897  (1940). 
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is  oerturbed  by  a  hydrogen  bridge  to  the  oxygen  atom,  2.86  M  to  an 
0-H  bond  in  which  the  hydrogen  atom  is  bridged  to  a  second  oxygen 
atom  and  2.98  m  to  an  O— H  group  in  which  the  oxygen  atom  is  part 
of  one  hydrogen  bridge  and  the  hydrogen  atom  is  part  of  a  separate 
hydrogen  bridge  (see  Fig.  9.15).  There  is  indication  from  other  types 
of  evidence  that  the  2.86-m  band  is  due  to  the  dimer. 


Wave  numbers  in  cm. 


Fig.  9.15.  Infrared  absorption  curves  of  <er<-butanol  at  various  concentrations  in 

CC14  solution.49 


Occurrence  of  two  absorption  bands  whose  relative  intensities  vary 
with  concentration  also  is  used  as  a  criterion  for  association.  On  this 
basis,  there  is  evidence  of  a  weak  association  between  alcohols  and 
polychlorinated  hydrocarbons,  ketones,  or  ethers.  51-&2 

This  dilution  technique  has  been  used  to  determine  the  absorption 

61  L.  H.  Jones  and  R.  M.  Badger,  J.  Am.  Chem.  Soc..,  73,  3132  (1951) 

52  N.  D.  Coggeshall  and  E.  L.  Saier,  J.  Am.  Chem.  Soc.,  73,  5414  (1951). 
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Table  9.2 


Absorption  Wavelengths  of  Some  Single  and  Associated  Bonds 


Type  of  bond 

Substance 

Absorption  wavelengths 

Single 

Associated 

Dilute  sols, 
(nonassociated) 

Cone.  sols, 
(associated) 

N — HB3 

N— H  ■  • 

•  N 

Pyrrole54 

2.86  g 

2.92  g 

N— H 

N— H  ■  • 

•  N 

Ethyleneimine55 

3.01 

3.11 

N— H 

N— H  •  • 

•  N 

Acetylglycine56 

2.9 

3.01 

N— H 

N— H  •  • 

•  0 

Acetylethylamine57 

2.91 

3.05 

N— H 

N— H  •  • 

•  0 

Dipeptides58’59 

2.9 

3.0 

O— D 

O— D  •  • 

•  0 

CH3OD60 

3.73 

4.0 

O— D 

O— D  •  • 

•  0 

D2061 

3.59 

4.0 

O— H 

O— H  •  • 

•  0 

Alcohols49 

2.75 

2.98 

O— H 

O— H  ■  • 

•  0 

Carboxylic  acids62 

2.84 

3.25 

frequencies  of  other  types  of  bonds  in  monomer  and  associated  mole¬ 
cules,  and  some  examples  are  listed  in  Table  9.2.  In  general,  associa¬ 
tion  shifts  the  absorption  corresponding  to  stretching  vibrations  of  the 
simple  bonds  to  longer  wavelengths,  whereas  association  causes  the 
absorption  bands  corresponding  to  bending  vibrations  to  shift  to 
shorter  wavelengths.  This  is  logical,  because  the  attraction  of  the 
oxygen  atom  for  the  proton  in  an  N — H  •  •  •  0  bond,  for  example, 


53  From  the  relationship  v  =  1307  y/ k/g,  where  v  is  the  absorption  frequency 
in  wave  numbers  and  equal  to  the  reciprocal  of  the  wavelength,  k  is  the  force 
constant,  and  g  is  the  reduced  mass,  the  absorption  wavelength  of  the  N— H  bond 
may  be  estimated  from  that  of  the  0— H  bond.  Thus,  for  the  0— H  bond, 
V  =  3640  cm-1,  k  =  7.6  X  106  dynes/cm,  and  g  =  0.9415;  for  the  N— H  bond, 
k  =  6.5  X  105  dynes/cm,  and  g  =  0.933.  Therefore  *'n-h/»'o-h  =  y/6.5/0.933/ 

y/7. 6/0.9415  =  0.933  and  =  3400  cm1,  or  X  =  2.94  g. 

64  N.  Fuson,  M.  L.  Josien,  and  E.  btcerback,  Paper  presented  before  Physics 
Section  of  the  National  Institute  of  Science,  Greensboro,  N.  C.,  April  1951. 

65  H.  W.  Thompson  and  G.  P.  Harris,  J.  Chem.  Soc.,  301  (1944). 

66  A.  M.  Buswell,  K.  F.  Krebs,  and  W.  H.  Rodebush,  J.  Phys.  Chem.,  44,  1126 

(1940). 

57  S.  E.  Darmon,  Nature,  164,  440  (1949).  . 

68  S.  Mizushima,  T.  Shimanouchi,  M.  Tsuboi,  T.  Sugita,  E.  Kato,  and  E. 

Kondon,  J.  Am.  Chem.  Soc.,  73,  1330  (1951).  « 

59  A.  M.  Buswell,  J.  R.  Downing,  and  W.  H.  Rodebush,  J.  Am.  Chem.  Soc., 

62,  2759  (1940). 

60  W  Gordy,  J.  Chem.  Phys.,  9,  215  (1941). 

81  V  Thornton  and  F.  E.  Condon  have  shown  recently  that  small  amounts  ol 
heavy  water  in  ordinary  water  may  he  determined  quantitatively  by  measuring 
the  intensity  of  the  3.98-n  band  of ^DiO  [And.  Chem  22,  690  •  and 

M.  M.  Davies,  J.  Chem.  Phys.,  16,  267,  2<4  (1948),  M.  M.  Davies  anu 

G.  B.  B.  M.  Sutherland,  J.  Chem.  Phys.,  6,  755  (1938). 
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weakens  the  N-H  stretching  force  constant  and  “X  than^the 
take  place  at  lower  frequencies,  i.e.,  longer  wavelengths,  than  tor  t 
monomer.  On  the  other  hand,  the  attraction  of  the  oxygen  atom  for 
the  proton  makes  it  harder  for  the  proton  to  vibrate  Perpendicular 
to  the  line  joining  the  nitrogen  and  oxygen  atoms.  Thus  the  effective 
bending  force  constant  is  increased  and  absorption  takes  place  a 
higher  frequencies,  i.e.,  shorter  wavelengths,  than  for  the  monomer. 

Upon  an  increase  in  temperature,  the  mean  kinetic  energy  ot  t  e 
molecules  is  increased,  and  some  of  the  polymer  aggregates  are  dis- 
proportioned.  Hence  the  ratio  of  monomer  to  dimer  molecules  can  be 
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Wavelength  in  microns 


Fig.  9.16.  Absorption  spectra  of  0.01  M  acetic  acid  in  CC14  at  18°C  (solid  curve) 

and  at  74°C  (dotted  curve).62 


varied  by  either  (1)  changing  the  concentration  of  solute  in  the  solvent, 
or  (2)  changing  the  temperature  for  a  given  concentration  of  solute. 
Inasmuch  as  monomeric  alcohol  and  acid  molecules  absorb  at  slightly 
different  frequencies  from  the  respective  dimer  molecules,  any  alter¬ 
ation  in  the  relative  proportions  of  the  two  states  affects  the  ratio 
of  the  intensities  of  their  characteristic  absorption  bands.  Just  as  this 
was  found  to  be  true  for  alcohols  (Fig.  9.15),  it  has  been  observed  for 
carboxylic  acids61  (Figs.  9.16,  9.17,  and  9.18). 

For  equilibria  of  the  type 

(ROH)„  +  ROH  <=►  (ROH)n+1 

where  n  and  n  +  1  refer  to  polymers  of  the  nth  and  (n  +  l)th  orders, 
an  initial  assumption  can  be  made  that  the  dissociation  constants  are 
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Fig.  9.17.  Absorption  spectra  of  0.00565  M  trichloroacetic  acid  in  CC14  at  18°C 
(solid  curve)  and  at  76°C  (dotted  curve).62 


5.2  5.4  5.6  5.8  6.0  6.2 


5.4  5.6  5.8  6.0 


Wavelength  in  microns 


Fig.  9.18.  Absorption  spectra  of  acetic  acid  in  CC14  at  18°C  (solid  curve)  and  at 
74°C  (dotted  curve).62  (a)  0.01  M,  (b)  0.002  M. 


equal  between  all  degrees  of  polymerization.  Kempter  and  Mecke63 
made  this  assumption  for  phenol  for  which  they  derived  equations 
(4)  and  (5). 


Kn  = 


ac 


\  —  y/  a 
an  =  na(  1  —  V  a)”"1 


(4) 

(5) 


63  H.  Kempter  and  R.  Mecke,  Z.  physik.  Chem.,  B46,  229  (1940).  For  equa¬ 
tions  similar  to  (2),  see  E.  N.  Lassettre,  Chem.  Revs.,  20,  259  (193/);  and  O.  R- 
Wulf  and  E.  J.  Jones,  J.  Chem.  Phys.,  8,  751  (1940). 
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n  =  degree  of  association,  i.e.,  2  for  dimer,  3  for  trimer,  etc. 
c  =  molar  concentration  of  hydroxylated  matei  ial 
an  =  fraction  of  solute  molecules  in  polymeric  state  n  .  _ 

Kn  =  dissociation  constant  for  polymer  of  degree  of  association  n 

Monomeric  phenol  has  a  sharp  absorption  band  at  10,331  cm"1,  and 
if  it  is  assumed  that  phenol  would  be  completely  monomeric  in  an 
infinitely  dilute  solution,  the  intensity  of  this  band  for  an  infinitely 
dilute  solution  will  give  the  molar  absorbency  index  of  the  monomer. 
The  ratio  of  the  intensities  of  this  band  at  a  given  concentration  c  to 
that  at  infinite  dilution  Ae/A„,  is  equal  to  the  fraction  a  of  the  solute 
molecules  in  the  monomeric  state.  In  this  fashion,  Kempter  and 
Mecke  calculated  from  eq.  (5)  the  per  cent  of  phenol  molecules  that 
exist  in  various  states  of  aggregation  in  carbon  tetrachloiide  solution. 
Their  results  are  given  in  Table  9.3.  It  is  noteworthy  that  at  low 


Table  9.3 


Degree  of  Dissociation  of  Phenol  Polymers  in  CCt  Solution 63 


concenti  ations,  essentially  only  monomer,  dimer,  and  a  trace  of  trimer 
exist;  in  a  0./ 5  M  solution,  the  number  of  monomers  is  approximately 
equal  to  the  number  of  dimers;  and  in  6  M  solutions,  the  degree  of 
association  extends  over  all  ranges,  with  one-fourth  of  all  molecules 
combined  into  polymers  larger  than  the  decamer. 

Kempter  and  Mecke  obtained  a  straight  line  when  cAc  was  plotted 
against  \f  A  c%  fiom  which  they  concluded  that  the  assumption  of  a 
single  equilibrium  constant  between  all  degrees  of  polymerization  is  a 
valid  one.  This  supposition  has  been  challenged  recently  by  Cog- 
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geshall  and  Saier.52  They  calculated  Kn  of  eq.  (4)  from  their  data  in 
the  3400  cm  1  region  (Kempter  and  Mecke  worked  in  the  10,330  cm-1 
region)  and  found  it  to  vary  with  concentration  for  phenol  and  alcohols. 
As  an  alternative,  the  latter  authors  assumed  that  there  is  a  distinct 
constant  Kx  for  the  dissociation  of  dimer  and  a  general  constant  Kn  for 
dissociation  of  all  higher  degrees  of  association.  They  derived 

Kn[  acT-1 

an  ^  na  kXk-J  (6) 

where  an  refers  to  the  fraction  of  solute  molecules  in  the  ( n  +  l)th 
polymeric  state,  and  the  other  symbols  have  the  same  meanings  as 
above.  They  computed  Kn  after  Ki  had  been  determined  by  an 
extrapolation  procedure.  In  this  manner,  they  obtained  separate 
values  for  K 1  and  Kn,  which  remained  relatively  constant  with  changes 
in  concentration  of  solute.  Their  values  of  Ki  and  Kn  for  some  alco¬ 
hols  and  phenols  are  given  in  Table  9.4. 


Table  9.4 


Dissociation  Constants  for  Dimeric  and  Polymeric  Hydroxy  Compounds  in 


CCli  Solution 52 


Substance 
n-Propyl  alcohol 
Benzyl  alcohol .  . 
n-Octyl  alcohol. 
n-Butyl  alcohol . 
i-Butyl  alcohol . . 

Phenol . 

p-i-Butylphenol . 


K,  Kn 
0.89  0.33 
0.80  0.33 
0.77  0.35 
0.78  0.35 
0.58  0.40 
0.72  0.34 
0.58  0.34 


The  data  in  Table  9.4  demonstrate  that  the  equilibrium  constants  are 
all  of  the  same  order  of  magnitude  and  apparently  are  affected  only  a 
small  amount  by  structure. 

In  addition  to  temperature  and  concentration  of  solute,  steric  fac¬ 
tors  too  may  affect  the  degree  of  association  of  substances.  Upon 
progressively  increased  alkylation  about  the  hydroxyl  group  of  an 
aliphatic  alcohol,  an  atomic  shield  is  built  up  to  hinder  the  close 
approach  of  hydroxyl  groups  of  other  molecules.  Consequently,  fiist 
the  polymeric  and  then  the  dimeric  states  of  association  are  precluded. 
For  example,  from  spectroscopic  data49  it  is  found  that  3-pentanol, 
3-methyl-3-pentanol,  and  2,2,4-trimethyl-3-pentanol  exist  in  the 
monomeric,  dimeric,  and  polymeric  states;  in  2,4-dimethyl-3-ethy - 
3-pentanol,  the  polymer  has  practically  disappeared;  in  2,2,4,4-tetia 
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methyl-3-isopropyl-3-pentanol  there  is  only  a  trace  of  the  dimer,  the 
latter  compound  being  essentially  monomeric. 


CH3— ch2— CH— CH2— CH 

I 

0 

\ 

H 

3-Pentanol 

(polymeric) 


CH3 

CH2 

CH3— CH— C— CH— CH3 

I  I  I 

ch3  o  ch3 

\ 

H 

2,4-Dimethyl-3-ethyl-3-pentanol 

(dimeric) 


CH3  CH  CH3 


CH3— C - C - C - CH3 

I  I  I 

ch3  0  CH3 


H 

2,2,4,4-Tetramethyl-3-isopropyl-3-pentanol 

(monomeric) 


The  effect  of  steric  hindrance  upon  the  association  of  phenols  has 
been  studied  by  many  persons.64  The  most  prominent  generalizations 
that  can  be  drawn  from  these  studies  are:  (1)  Monomeric  phenols  have 
sharp  absorption  bands  at  about  2.8  n,  while  associated  phenols  have 
broad  absorption  bands  near  3  /x.  (2)  The  intensity  of  the  3-ju.  band 

decreases  with  increasing  size  of  an  ortho  substituent.  (3)  With  one 
large  ortho  group,  association  is  negligible  beyond  the  dimer  state,  and 
with  two  large  ortho  groups,  as  in  2,6-di-(£-octyl)-phenol,  association 
apparently  does  not  occur  (the  3-ju  band  disappears). 

It  is  noteworthy  that  the  buttressing  effect  observed  in  the  studies 
of  hindered  rotation  of  biphenyls  (Sec.  5.36)  is  found  also  in  the  steric 
hindrance  to  association  of  o-phenols.  For  example,  the  small  associa¬ 
tion  of  2,6-dimethylphenol  is  further  decreased  by  the  presence  of 


tt  WN^P'  Coggeshall  J.  Avi.  Chem.  Soc.,  69,  1620  (1947);  R.  E.  Richards  and 
H.  W.  Thompson,  J.  Chem.  Soc.,  1260  (1947);  W.  C.  Sears  and  L.  J.  Kitchen 
J  Am.  Chem.  Soc.,  71,  4110  (1949);  E.  E.  Pickett  and  H.  E.  Ungnade  /.  Am. 
C/iem.  Soc.,  71,  1311  (1949);  E.  0.  Woolfolk,  C.  Golumbic,  R.  A.  Friedel  M 
Orchm,  and  H- H.  Storch  Bull.  487,  Bureau  of  Mines ,  Government  Printing  Office, 

A'  F"edel’  J •  Am •  Chem-  Soc.,  73,  2881  (1951);  N.  D. 
Coggeshall  and  E.  L.  Saier,  J.  Am.  Chem.  Soc.,  73,  5414  (1951). 
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methyl  groups  in  the  3  and  5  positions.65  That  is,  association  is 
facilitated  when  the  methyl  groups  of  2,6-dimethylphenol  can  bend 
away  from  the  oxygen  atom  through  a  small  angle.  However,  when  a 


2,6-Dimethylphenol  2,3,5,6-Tetramethylphenol 

second  large  group  is  behind  the  o-methyl  groups,  the  latter  are  held 
rigidly  in  place,  and  association  of  hydroxyl  groups  is  diminished. 
Consequently,  2,3,5,6-tetramethylphenol  is  less  associated  than  is 
2,6-dimethylphenol. 

(ii)  Hydrogen  Bond  Strengths  and  Frequency  Shifts.  It  is  common 
practice  to  attribute  to  hydrogen  bonding  the  frequency  shifts  observed 
in  spectra  for  X — H  bonds  upon  changing  environmental  conditions. 


Table  9.5 

Infrared  Frequency  Shifts  and  Bond  Energies  of  Some  Hydrogen  Bonds 


Bond 

Absorption 

frequency 

Shift 

Bond  energy 
(kcal/mole) 

F— H 

4140  cm-1 

F— H  • 

•  •  F-  (IvHF2) 

1450 

2690  cm-1 

27 

F— H  • 

•  •  F  (HF)„ 

3440 

700 

7 

0— H 

3640 

0— H  • 

•  •  0  (HCOOH)2 

3030 

410 

7 

0— H  • 

•  •  0  (CH3OH)„ 

3350 

300 

6 

0— H  • 

•  ■  0  (ice) 

3250 

400 

4.5 

Moreover,  the  presumption  is  usually  made  that  the  hydrogen  bond 
strength  varies  directly  with  the  magnitude  of  the  frequency  shifts. 
There  is  qualitative  evidence  to  support  this  viewpoint,  but  caution 
must  be  taken  when  using  frequency  shifts  as  a  criterion  for  relative 
bond  strengths,  because  the  absorption  frequencies  greatly  depend 
upon  the  environment.  For  instance,  in  Table  9.5  are  given  some  bond 
energies  and  frequency  shifts  attributed  to  hydrogen  bonding,  and  it 
can  be  seen  that  the  shifts  do  not  parallel  bond  energies  of  the  0  H 
•  •  •  0  bond  in  different  states. 

65  W.  C.  Sears  and  L.  J.  Kitchen,  J.  Am.  Chem.  Soc.,  71,  4110  (1949). 
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There  is  no  justifiable  basis  for  anticipating  a  simple  relation 
between  Ay  the  frequency  change,  and  A//,  the  bond  energy  o  y  - 
gen  bonds,  knd  it  is  not  permissible  to  make  such  a  deduction.-  The 
frequency  shift  relates  only  to  the  force  constant,  i.e.,  to  the  slope  o 
the  potential  curve  near  the  minimum,  and  it  does  not  determine  a 
change  in  the  depth  of  the  potential  curve.  What  .could  be  expected, 
at  best,  is  a  correlation  between  bond  energy  change  and  frequency 
shift  for  similar  bonds  in  identical  environments  Thus  K.  J\L 
Badger67  has  found  an  empirical  relation  of  AH  with  Ac  for  O-H 
hydrogen  bonds,  although  the  agreement  may  be  fortuitous  m  view 
of  the  large  uncertainties  in  the  energy  values.  On  the  other  hand, 
measurements  of  the  type  made  by  some  authors,66  m  which  they 
measured  the  frequency  shifts  for  0— H,  0— D,  and  Cl— H  bonds 
upon  solution  of  CH3OH,  CH3OD,  and  HC1  in  various  solvents,  may 
not  be  solely  a  function  of  hydrogen-bond  strengths.  Although  their 
order  of  Av  parallels  proton-acceptor  abilities  of  the  solvents,  other 
factors  are  involved.  One,  for  instance,  may  be  steric  hindrance, 
suggested  by  the  fact  that  the  order  of  frequency  shifts  in  ether-type 
solvents  differs  for  CH3OD  and  HC1.  Furthermore,  it  is  observed  in 
Table  2.8  of  Sec.  2.8b.i  that  the  bond  strength  of  the  0 — H  •  •  •  O 
bond  in  dimeric  propionic  acid  changes  in  going  from  one  solvent  to 


another.  Changes  are  also  found  for  dimeric  benzoic  acid  and  dimeric 
salicylic  acid  in  different  solvents  which  differ  for  the  two  substances. 
It  is  important  then,  not  to  attribute  changes  in  absorption  fre¬ 
quencies  indiscriminately  to  hydrogen  bonding,  particularly  when  such 
changes  occur  upon  going  from  one  environmental  condition  to  another. 

Association  with  other  molecules  will  stretch  an  X — H  bond  so 
that  its  restoring  force  constant  is  decreased,  and  hence  there  could  be 
a  decrease  in  absorption  frequency.  For  a  series  of  similar  compounds 
in  the  same  environmental  condition,  it  is  quite  possible  for  the 
absorption  frequencies  corresponding  to  hydrogen  bonds  in  these 
molecules  to  be  correctable  with  the  strengths  of  the  hydrogen  bonds. 
For  example,  the  infrared  absorption  spectra  of  acetic  and  substituted 
acetic  acids  in  CC14  have  been  measured,69  and  the  order  of  decreasing 
frequency  of  the  band  near  1721  cm-1  was  found  to  be  trichloroacetic, 
dichloroacetic,  monochloroacetic,  monobromoacetic,  monoiodoacetic, 
dimethylacetic,  diethylacetic,  trimethylacetic  acid  (Table  9.6). 


66  M.  M.  Davies,  Ann.  Repts.  Chem.  Soc.  London,  43,  5  (1946). 

67  R.  M.  Badger,  J.  Chem.  Phijs.,  8,  288  (1940). 

68  W.  Gordy  et  a!.,  J .  Chem.  Phys.,  7,  93,  99  (1939);  8,  170  (1940);  J  Am 
Chem.  Soc.,  63,  1094  (1941). 

69  R.  H.  Gillette,  J.  Am.  Chem.  Soc.,  58,  1143  (1936). 
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Table  9.6 

Infrared  Frequency  Shifts  of  the  1721  cm'1  Band  of  Some  Substituted 

Acetic  Acids 


Arid  Ai»  (cm-1) 

Trichloroacetic .  43 

Dichloroacetic .  30 

Monochloroacetic . 15 

Monobromoacetic .  9 

Monoiodoacetic .  0 

Acetic .  0 

Dimethylacetic .  —  6 

Diethylacetic .  —15 

Trimethylacetic .  —17 


If  this  band  is  assumed  to  be  due  to  the  dimeric  acids,  this  order  can 
be  used  as  a  criterion  of  the  0 — H  •  •  •  0  bond  energies  in  these 
acids.  On  this  basis,  the  hydrogen  bond  energies  for  trimethylacetic, 
acetic,  and  chloroacetic  acids  decreases  in  this  order,  which  is  identical 
to  that  found  from  electric  dipole  moment  measurements  (Sec.  2.8b.ii), 
and  is  in  agreement  with  vapor  density  measurements  for  trimethylace¬ 
tic  and  acetic  acids.70 

The  spectra  of  the  acetic  acids,  just  discussed,  serve  to  illustrate 
that  frequency  shifts  can  not  be  indiscriminately  assumed  to  be  pro¬ 
portional  to  bond  energy,  for  the  shifts  of  diethylacetic  and  mono¬ 
chloroacetic  acids  are  equal  but  in  opposite  directions.  Still,  it  seems 
reasonable  to  conclude  that  the  0— H  •  •  •  0  bond  in  diethylacetic 
acid  is  stronger  than  that  in  chloroacetic  acid. 

In  the  case  of  the  carboxylic  acids,  three  spectral  regions  are 
affected  by  association,  and  these  can  be  attributed  to  C  0,  C  0, 
and  O — H  absorption  frequencies.62  For  acetic  acid,  the  specific 

values  are  as  follows: 


Monomer 


Dimer 


C=0 .  5.65  m  1768  cm-1 

C — O.  .  .  .  7.25  1379 

O— H .  2.84  3521 


5.82  m  1701  cm-1 
6.94  1425 

3.25  3073 


From  these  data,  several  points  are  of  interest.  1.  According  to  the 
direction  of  the  frequency  shifts,  the  absorption  bands  correspond  to 
Q=0  and  0 — H  stretching  vibrations  and  to  a  C  0  bending  vi  ra 
tion.  Also,  association  weakens  the  C=0  and  0— H  bom  s.  • 
Association  shift**  the  O-H  fluency  300  m  alcohols^ut  448 

cm 
O- 


— i 


nation  sniirs  me  w  it  -  ,  „  .h 

in  acids.  Thus  association  has  a  more  ^ 


1  in  acius.  xiiuo  -  *  .  = 

H  bond  in  carboxylic  acids.  Moreover,  the  monomeric  0- 

70  E.  W.  Johnson  and  L.  K.  Nash,  J.  Am.  Chem.  Soc.,  72,  547  (1950). 
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* •  +  op  in  pm-1  in  alcohols  3521  cm-1  in  acetic  and  benzoic 

at  3495  cm-  in  trichloracetic  acid.  This  decrease  in  U» 
0— H  frequency  parallels  the  weakening  of  the  0  , 

qualitative  relation  between  the  0-H  frequency  and  acidity  of  t 
compound  has  been  observed  by  others.  It  is  doubtful,  howe v  ei , 
a  quantitative  relationship  will  be  found,  since  the  dissociation  con¬ 
stant  of  an  acid  depends  upon  a  number  of  factors  besides  the  isola 
0— H  bond  strength.  3.  C— H  absorption  in  the  3.2  3.5  y  region 
interferes  with  the  study  of  0-H  absorption  in  this  range  but  inspec- 
tion  of  the  absorption  by  trichloroacetic  and  acetic-d3  (CCl3UJOii  ana 


Table  9.7 

Absorption  Band  Frequencies  for  Some  Substituted  Phenols  m  CC14 

Solution 71 


Compound 

Frequency 

.  .  7050  cm  1 

.  .  7060 

6970  cm-1 

Pyrogallol . 

.  .  7050 

6960 

Resorcinol . 

Pyrogallol  dimethyl  ether .  .  .  . 

. .  7050 

6925 

Guiacol . 

6930 

o-Fluorophenol . 

7015 

o-Chlorophenol . 

. .  7050 

6890 

Trichlorphenol . 

6890 

o-Bromophenol . 

. .  7050 

6850 

Tribromophenol . 

6830 

o-Iodophenol . 

. .  7025 

6800 

Triiodophenol . 

6760 

Tetrabromocatechol . 

6920 

Salicylaldoxime . 

7000 

6820  cm-1 


CD3C00H)  acids  in  this  region  confirms  the  assignment  of  the  0 — H 
frequency  in  the  dimer  molecules  to  about  3.2  p. 

(iii)  Chelation  in  o-Substituted  Phenols.  The  characteristic  absorp¬ 
tion  band  of  an  unassociated  hydroxyl  group  is  at  about  3640  cm-1 
(2.75  ju),  with  a  first  harmonic  at  7050  cm-1  and  a  second  overtone  at 
about  10,000  cm-1.  Wulf  and  his  co-workers71  have  measured  the 
spectra  of  a  large  number  of  o-substituted  phenols  in  the  first  overtone 
absorption  region  of  the  hydroxyl  group,  and  some  of  their  absorption 
bands  have  been  redrawn  in  Fig.  9.19,  and  the  band  frequencies  listed 
in  Table  9.7. 

71  O.  R.  Wulf  et  al.,  J.  Am.  Chem.  Soc.,  58,  1991,  2287  (1936).  See  also  their 
spectra  measured  in  the  second  overtone  region  [O.  R.  Wulf,  E.  J.  Jones,  and  L.  S. 
Deming,  J.  Chem.  Phys.,  8,  745,  753  (1940)];  compare  with  data  of  W.  Liittke  and 
R.  Mecke  [Z.  physik.  Chem.,  196,  56  (1950)]. 
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% 

Resonance  of  the  hydroxyl  group  of  phenol  restricts  the  hydrogen 
atom  to  the  plane  of  the  ring;  hence  the  molecule  can  assume  one  of 
two  equivalent  configurations, 


or 


Consequently,  only  one  absorption  band  characteristic  of  the  0 — H 
vibrational  frequency  is  observed  in  its  spectrum,  which  occurs  at 
7050  cm-1.  On  the  other  hand,  the  two  configurations  for  an  o-sub- 
stituted  halogenophenol  are  not  equivalent,  since  the  cis  isomer  is 

H\ 

0 

and  1  |J 
cis  trails 


stabilized  with  respect  to  the  trans  form  by  a  hydrogen  bond.  Accord¬ 
ingly,  two  absorption  bands  are  observed,  one  at  the  phenol  frequency, 
7050  cm'1,  and  one  at  a  lower  frequency.  The  band  at  the  lower 
frequency  can  be  attributed  to  the  cis  isomer  because  with  the  tri- 
halogenophenols,  where  only  0— H  •  •  •  X  bonds  can  occur,  only  one 
absorption  band  is  found  and  at  a  frequency  close  to  that  attributed  to 
the  cis  isomer  (see  Fig.  9.19).  Hence  the  intramolecular  hydrogen 

bonds  exhibit  characteristic  absorption  bands.72 

Upon  inspecting  the  spectra  in  Fig.  9.19,  several  interesting  obser¬ 
vations  can  be  made.  , 

1.  Since  the  hydroxyl  groups  of  resorcinol  are  too  widely  separated 

for  chelation,  resorcinol  should  have  an  absorption  band  at  about  the 
same  frequency  as  phenol,  with  perhaps  a  greater  intensity,  ibis  is 

found,  from  Fig.  9.19,  to  be  precisely  the  case. 

2  Catechol  can  exist  in  two  forms,  the  trans,  trans  form  and  the 
cis,  trans  form.  Spatial  requirements  prevent  the  as,  as  Btnicture. 

r^betb^  “d « 

kind  of  interaction  with  the  halogen  atom. 
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Fig.  9.19.  Infrared  absorption  bands  of  some  o-substituted  phenols  in  CCU  solution.71 
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H 


H— 0  0— H 


for  the  0  H  •  •  •  O  bond.  On  the  other  hand,  if  all  molecules  have 
the  trans,  trans  structure,  only  one  absorption  band  should  be  found  at 
the  phenol  frequency.  The  two  nearly  equivalent  peaks  actually 
observed  in  the  spectrum  of  catechol  indicate  that  the  first  expectation 
is  correct.  The  very  slightly  taller  band  at  7050  cm'1  suggests  that  a 
trace  of  the  trans,  trans  isomer  is  present. 

3.  There  is  only  one  peak  in  the  spectrum  of  guaiacol,  which  is  not 
at  the  phenol  frequency;  hence  all  molecules  must  have  the  chelated 
structure 


4.  Pyrogallol  shows  one  peak  at  7050  cm-1  and  a  second  of  twofold 
intensity  at  6960  cm-1.  Such  a  spectrum  would  be  anticipated  for  the 
structure 


H 


in  which  there  are  two  hydrogen  bonds  and  one  O  H  bond.  The 
2,6-dimethyl  ether  of  pyrogallol,  for  which  only  an  O  H  •  •  •  O  bond 
is  possible,  has  a  single  band  in  its  spectrum,  and  at  a  frequency  very 


close  to  that  of  guaiacol. 

5.  The  substances  o-cresol,  2,6-dimethylphenol,  and  thymol,  for 
which  hydrogen  bonds  are  unlikely,  all  show  single  peaks  near  7050 

cm-1. 
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6.  From  the  ratios  of  the  heights  of  the  cis  and  trans  peaks  for  the 
o-halogenophenols,  it  might  be  argued  that  there  is  an  increasing  per¬ 
centage  of  the  cis  isomer  present  in  going  from  iodo-  to  fluorophenol. 
Although  the  cis  peak  for  o-fluorophenol  is  not  far  removed  from  7050 
cm-1,  the  symmetry  of  the  single  band  supports  the  assumption  that 
there  is  very  little  trans  isomer  present.  Therefore  the  increasing 
hydrogen  bond  strength  in  these  o-halogenophenols  shifts  the  equilib¬ 
rium  in  favor  of  the  cis  isomer.  That  there  is  an  equilibrium  between 
the  cis  and  trans  isomers  is  indicated  by  the  fact  that  the  electric  dipole 
moment  of  o-chlorophenol  varies  with  temperature,  while  the  moments 
of  the  m-  and  p-isomers  do  not  change  with  temperature.73  Further¬ 
more,  the  relative  intensities  of  the  two  peaks  in  the  spectrum  of 
o-chlorophenol  change  upon  variation  in  temperature,  with  the 
smallest  peak  increasing  with  temperature  elevation.74  On  the 
basis  of  the  peak  heights,  then,  one  can  say  that  the  relative  bond 
strengths  of  hydrogen  bonds  in  five-membered  chelate  rings  of  the 
type  0 — H  •  •  •  X,  where  X  is  a  halogen,  is  F  >  Cl  >  Br  >  I. 
This  conclusion  is  supported  by  the  fact  that  electric  moments75  of  the 
o-substituted  phenols,  and  of  guaiacol,  give  an  order  of  relative 


bond  strengths  as  0 — H  •  •  •  0  >  0 — H  •  •  •  F  >  0 H  •  • 

^  0  ^  Br  >  0  H  ‘  I.  Although  salicylaldoxime  exhib¬ 
its  only  one  tall  peak  at  7000  cm-1,  the  strength  of  the  O — H  •  •  •  N 
bond  should  not  be  compared  with  those  above,  since  the  bond  in  the 
oxime  is  part  of  a  six-membered  ring,  and  as  such  would  be  stronger 
than  when  part  of  a  five-membered  ring. 

It  is  noteworthy  that  this  order  of  relative  hydrogen  bond  strengths 
in  the  o-substituted  phenols  is  opposite  to  that  held  from  earlier 
interpretations  of  infrared  spectra.  The  earlier  point  of  view  was 
based  on  frequency  shifts,  whereas  the  present  conclusion  is  based  on 
absorption  band  peaks  and  electric  polarization  data.  It  may  be  sig- 
“r  correlations  of  hydrogen  bond  energies  with  frequency 

TT  X-H  bonds  have  usua,ly  been  for  intermolecular  bon<J 

In  the  case  of  the  o-substituted  phenols,  the  bonds  are  intramolecular' 
and  stenc  requirements  are  such  that  the  hydroxyl-oxygen  atom  the 
ydrogen  atom,  and  the  ortho  atom  do  not  form  a  straight  line 


«.  >«  (1940). 

" B- c- j4m-  s  (fsSsj;- 7’  87  (1939>- 
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Thus  the  stronger  the  attraction  of  atom  X  for  the  proton,  the  harder 
it  is  for  the  proton  to  vibrate  in  the  direction  of  the  0— H  bond  (which 
is  away  from  X)  and  the  larger  will  be  the  cis  absorption  frequency, 
dhis  accounts  for  iodophenol  exhibiting  the  largest  frequency  shift,  or 
having  the  smallest  cis  absorption  frequency. 

There  is  no  apparent  simple  correlation  between  the  hydrogen  bond 
strengths  and  the  force  constant  or  bond  distance  of  the  Cnucieu8 — X 
bond,  nor  with  the  size,  electron-donor  property,  or  electronegativity 
of  the  atom  X.  Little  can  be  drawn  from  the  fact  that  the  order  of 
hydrogen  bond  strengths  in  the  o-substituted  phenols  is  the  same  as 
the  order  of  atomic  weights  of  atom  X,  or  0  >  F  >  Cl  >  Br  >  I. 
In  any  event,  consideration  must  be  given  to  many  such  factors  when 
attempting  to  evaluate  hydrogen  bond  strengths  from  spectroscopic 
data. 


9.3  Raman  spectroscopy 

Closely  related  to  infrared  absorption  spectra  are  Raman  spectra, 
discovered  by  Raman  in  1928.  When  a  beam  of  light  passes  through 
a  transparent  medium  and  the  scattered  light  is  viewed  at  right  angles 
to  the  incident  beam,  in  the  spectrum  of  the  scattered  light  there  will 
be  superimposed  upon  the  original  spectrum  additional  lines  which  are 
displaced  by  regular  frequencies  from  the  exciting  lines.  Raman 
noticed  that  these  frequency  shifts  correspond  to  differences  in  energy 
of  the  same  order  of  magnitude  as  do  the  differences  in  vibrational 
energy  levels,  and  he  was  able  to  show  that  the  frequency  shifts  are 
closely  related  to  frequencies  of  vibration  within  the  molecule.  In 
general,  the  shifts  will  be  to  lower  frequencies,  corresponding  to 
absorption  of  energy  from  the  exciting  light,  and  are  independent  of 
the  frequency  of  the  exciting  light  beam.  These  frequency  differences 
are  called  Raman  frequencies,  and  the  set  of  Raman  frequencies  makes 
up  the  Raman  spectrum.  The  number  of  Raman  frequencies  which 
may  be  expected  to  appear  in  the  Raman  spectrum  is  reduced  by  cer¬ 
tain  elements  of  symmetry  of  the  molecule  and  by  selection  rules  based 
on  the  symmetry  of  vibration  and  the  change  of  polarizability  of  the 
lines.  The  Raman  effect  is  observable  when  there  is  a  change  in 
polarizability,  and  therefore  Raman  bands  are  strongest  for  sym¬ 
metrical  vibrations.  The  information  obtainable  from  the  Raman 
effect  is  somewhat  analogous  to  that  obtained  from  infrared  spec¬ 
trophotometry,  and  often  Raman  data  are  used  to  supplement  infra¬ 
red  data,  particularly  to  identify  symmetrical  and  unsymmetncal 

vibrations. 
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In  analysis  of  Raman  spectra,  an  evaluation  of  the  frequencies  of 
the  lines,  their  intensities,  and  state  of  polarization  must  be  made, 
which  is  extremely  difficult  except  for  simple  and  symmetrical  mole¬ 
cules.  However,  examination  of  a  large  number  of  substances  has 
made  it  possible  to  assign  certain  Raman  frequencies  to  various  bond 
types  just  as  was  done  for  infrared  absorption  bands.  A  physical 
constant  commonly  obtained  from  Raman  spectra  is  the  force  constant 
k  for  a  given  bond  type.  It  can  be  computed  from  the  Raman  fre¬ 
quency  with  the  equation 

k  =  0.05877  (A  vYu  dynes/cm 

where  Av  is  the  Raman  frequency  in  wave  numbers,  and  n  is  the 
reduced  mass  for  the  bond  under  consideration.  Force  constants  for 
a  given  type  of  bond,  like  absorption  band  frequencies,  will  vary  with 
molecular  structure,  being  affected  by  conjugation,  association,  etc. 
Nevertheless,  recognition  of  this  fact  makes  it  possible  to  detect  such 
structural  features  in  molecular  configurations.  As  a  basis  for 


Table  9.8 

Force  Constants  for  Some  Common  Bonds 76 


Bond 

Substance 

10~6A: 

dynes/cm 

C— N 

ch3nh2 

4.9 

C— O 

(CH3)20 

4.5 

C— F 

ch3f 

5.6 

C— Cl 

CHaCl 

3.4 

C— Br 

CH3Br 

2.9 

C— I 

CH,I 

2.3 

P— P 

P2 

5.5 

s— s 

s2 

5.0 

Cl— Cl 

Cl2 

3.3 

Br — Br 

Br2 

2.5 

I— I 

I2 

1.7 

I— Cl 

ICI 

2.4 

I— Br 

IBr 

2.1 

a— Car 

C6H6 

7.6 

c=c 

c2h4 

9.8 

C=0 

h2co 

12.3 

c=c 

c2h2 

15.6 

C=N 

ch3cn 

17.5 

c=o 

CO 

18.9 

N=N 

n2 

22.8 

Bond 


H— H 
Li— H 
Na— H 
K— H 
Rb— H 
Cs— H 
F— H 
Cl— H 
Br— H 
I— H 
B— H 
C— H 
N— H 
0— H 
S— H 
Se— H 
P— H 
Si— H 
C— C 
N— N 


Substance 


H2 

LiH 

NaH 

KH 

RbH 

CsH 

HF 

HC1 

HBr 

HI 

B2H6 

ch4 

nh3 

h2o 

h2s 

H2Se 

PH3 

SiH4 

C2H8 

h2n— nh2 


10-5A; 
dynes /cm 


5.76 

1.03 

0.78 

0.56 

0.51 

0.47 

9.7 

5.2 

4.1 

3.1 
3.6 
5.0 

6.5 

7.6 
4.0 
3.1 
3.1 

2.7 

4.5 

3.6 


Revs.  Chem.  Soc.  London ,  1,  73  (1947) 
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references,  the  force  constants  are  determined  for  bonds  in  simple 
molecules,  some  of  which  are  tabulated  in  Table  9.8.  It  is  to  be 
noticed  that  the  values  are  below  7  X  106  dynes/cm  for  single  bonds, 
between  7  X  105  and  15  X  105  for  double  bonds,  and  above  15  X  105 
for  triple  bonds. 

Force  constants  are  indirectly  related  to  positions  in  the  periodic 
table.  For  instance,  the  constants  for  bonds  of  hydrogen  with  boron, 
carbon,  nitrogen,  oxygen,  and  fluorine  progressively  increase  in  this 
order:  3.6,  5.0,  6.5,  7.6,  and  9.0  (all  X  105).  R.  M.  Badger77  first 
pointed  out  that  force  constants  decrease  with  increasing  bond  dis¬ 
tances,  and  he  developed  the  empirical  relation  known  as  Badger's  rule, 


k  =  A(re  —  R )3 


where  re  is  the  equilibrium  bond  distance,  and  A  and  B  are  constants. 
This  relationship  is  quite  useful  sometimes.  For  instance,  in  the 
absence  of  direct  measurement  of  bond  length,  the  force  constant  for  a 
given  bond  could  be  determined  from  an  infrared  absorption  or  Raman 
frequency,  and  then  with  Badger’s  rule  the  bond  distance  could  be 
estimated.  Conversely,  from  the  bond  distance  of  a  given  bond,  the 
force  constant  could  be  computed  by  means  of  Badger’s  rule,  and  sub¬ 
sequently  the  characteristic  infrared  absorption  frequency  could  be 
estimated.  Such  approximations  are  occasionally  necessary  when  the 
required  data  are  lacking  for  assignment  of  vibrational  fiequencies  to 
be  used  in  statistical  thermodynamic  and  other  theoretical  calculations. 

One  interesting  application  of  Badger’s  rule  is  found  in  the  estima¬ 
tion  of  the  C=0  and  O— H  bond  distances  in  monomeric  and  dimeric 
carboxylic  acids  in  order  to  evaluate  the  effect  of  association  upon 
these  bonds.  From  the  absorption  frequencies  and  Badger’s  rule, 
Davies  and  Sutherland78  calculated  the  following  bond  distances  in 
monomeric  and  dimeric  acetic  acid. 


Absorption  frequency 


Calculated  bond  distance 


Bond 


Monomer 


Dimer 


Monomer 


Dimer 


Per  cent 
change 


C— 0  1768  cm  1 

O — H  3521 


1701  cm"1 
3073 


1.195A 

1.04 


1.211A 

0.98 


1.34 

5.77 


rela 
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It  can  be  seen,  as  might  be  expected,  that  association  causes  the 
greatest  percentage  change  in  the  0 — H  bond  distance. 

The  two  most  widely  used  applications  of  Raman  spectra  are  for 
determination  of  force  constants  and  for  information  concerning 
molecular  structures.  The  force  F  required  to  stretch  a  bond  a  short 
distance  d  can  be  closely  approximated  by  the  equation 


F  =  kd 

where  k  is  the  stretching  force  constant.  For  example,  to  stretch  the 
C — H  bond  of  methane  0.1  A  would  require  a  force  of  0.1  X  10-8 
X  5  X  105  =  5  X  10-4  dyne.  The  energy  necessary  to  do  this,  which 
is  the  increase  in  potential  energy  of  the  molecule,  would  be  0.5 kd2 
=  0.5  (5  X  105)  X  (0.1  X  10~8)2  =  2.5  X  10-13  dyne-cm  per  mole¬ 
cule,  or  for  one  mole,  2.5  X  10~13  X  6.06  X  1023  X  2.39  X  1(R8  = 
3.33  kcal/mole.  In  a  similar  fashion,  the  force  required  to  bend  a 
H  C  H  bond  1°  (1/57.3  radian)  from  its  normal  bond  angle  can  be 
approximated  from  the  bending  force  constant,  which  is  0.5  X  10~u 
dyne-cm/radian. 

F  =  kw  =  0.5  X  10-11  X  gyg  =  8.73  X  10~14  dyne-cm 


The  accompanying  strain  would  increase  the  potential  energy  accord¬ 
ing  to  the  relation  E  =  0.5  ku2,  or 

0.5  X  0.5  X  10-»  X  (1/57.3) 2  =  7.6  X  10"»  erg/molecule  =  110  cal/g  mol. 

It  is  to  be  noticed  that  it  is  manyfold  more  difficult  to  stretch  a  bond 
a  short  distance  than  to  bend  the  bond  through  a  small  angle 

Much  information  concerning  molecular  structure  has  been 
obtained  from  Raman  spectra,  and  a  few  examples  can  be  given  here: 

1.  One  finds  additional  evidence  of  the  resonance  of  the  aromatic 
nucleus  among  Kekule  structures  in  the  fact  that  the  value  of  the  force 

that  of  ther  eth  X  “r,bon:earbon  bonds-  ™  X  10*.  lies  between 
c4  bond,  9  x  10>  5  X  10  ’  and  that  °f  the  Xylene 

2.  Force  constants  provide  evidence  for  the  occurrence  of  a  trinle 

CO  and0C00rXsee°f  St,'U°tUreS  “"fibuting  to  the  resonance  of 
and  U)2,  whose  force  constants  are  18.9  X  106  and  15  3  v  ins 

respect,vely,  and  it  is  concluded  that  the  carbon-oxygen  b/fd  of  CO 
has  the  greater  triple-bond  character.  ‘ }  S  d  1  C0 

not'contXa  ^rbonifbonf  T  ^  f°™aldehyde  does 

H20  solution  y  ’  theref°re  to™aldehyde  is  hydrated  in 
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4.  The  demonstration  of  keto-enol  tautomerism  by  means  of  the 
Raman  effect  was  one  of  its  earliest  applications.  Only  the  1,3-dike¬ 
tones,  or  acetoacetates,  which  can  exist  in  an  enolic  form,  give 
spectra  typical  of  enols.78a 

5.  The  question  of  whether  a  C — S  or  a  C— O  bond  is  formed  when 
carbonyl  compounds  form  addition  compounds  with  sodium  bisulfite 
was,  for  a  period,  the  object  of  considerable  study.  By  means  of 
Raman  spectra  it  was  shown  definitely  in  1941  that  a  C — S  bond  is 
formed. 

6.  It  has  been  found  that  acetic,  formic,  and  benzoic  acids,  also 
acetone,  and  methyl  ethyl  ketone  are  associated;  and  that  ethers  and 
carbonyl  compounds  are  partially  associated  in  chloroform  but  not  in 
carbon  tetrachloride. 

7.  The  frequencies  of  the  nitro  group  in  nitromesitylene  approach 
values  found  in  unconjugated  nitro  derivatives,  which  indicates  that 
resonance  between  the  mesityl  ring  and  the  nitro  group  is  greatly 
reduced. 

8.  Evidence  for  resonance  of  cyanogen  chloride  among  the  forms 

Cl— C=N,  C1=C=N 


is  found  in  its  C — Cl  force  constant,  5  X  105  dynes/cm.  This  is  much 
greater  than  the  normal  C — Cl  force  constant,  3.4  X  10s,  of  methyl 
chloride,  and  indicates  considerable  double-bond  character.  It  may 
be  recalled  (Sec.  8.6)  that  also  the  C— Cl  bond  distance  indicates  it  to 

have  a  large  double-bond  character. 

9.  The  Raman  spectrum  of  diiodoethane  shows  it  to  exist  only  in 
the  trans  form  when  in  the  solid  state,  but  when  in  the  liquid  state  or 
in  solution,  two  forms  occur,  probably  the  gauche  and  trans  isomers. 

10.  From  the  standpoint  of  the  metal,  there  is  no  apparent  gen¬ 
eralization  for  the  force  constants  of  the  following  complex  ions, 
although  the  order  is  the  anticipated  one  with  respect  to  ammonia  and 

water. 

Zn(NH3)6++  1 .22  X  105  dynes/cm  Fe(H20)6++  0 . 77  X  105  dynes/cm 

Cu(NH3)4++  1.16  Ni(H20)6++  0.52 

Ni(NH3)6++  1.01  Co(H20)6++  0.46 

Cd(NH3)6++  0.85 

Of  the  spectroscopic  methods,  infrared  and  ultraviolet  have  been 
more  applicable  to  analysis,  because  appropriate  spectrophotometers 
7ta  K.  W.  F.  Kohlrausch  and  A.  Pongratz,  Ber.,  07,  1465  (1934). 
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have  been  commercially  available.  Most  of  these  instruments  are 
either  of  the  direct-recording  or  indicating  type  and  have  been  designed 
for  maximum  economy  in  work  and  time.  During  the  war79  a  Raman 
spectrograph  was  described  that  also  is  direct-recording,  semiauto¬ 
matic,  and  gives  reproducible  results.  As  in  other  types  of  spec¬ 
troscopy,  the  intensities  of  Raman  lines  of  a  constituent  in  a  mixture 
are  directly  proportional  to  the  concentration  of  that  constituent. 
Accordingly,  mixtures  of  isomeric  xylenes80  have  been  analyzed  from 
Raman  data,  and  in  one  laboratory79  mixtures  containing  as  many  as 
ten  components  of  hydrocarbons  were  analyzed  satisfactorily. 


Supplementary  Reading 

1.  W.  West,  “Spectroscopy  and  Spectrophotometry”  in  Physical  Methods  of 
Organic  Chemistry,  Vol.  II  (ed.  A.  Weissberger),  Interscience,  New  York,  1946, 
Chap.  18. 

2.  J.  H.  Hibben,  Physical  Methods  in  Chemical  Analysis,  Vol.  I  (ed.  W.  G.  Berl), 
Academic,  New  York,  1950. 

3.  G.  Herzberg,  Infrared  and  Raman  Spectra  of  Polyatomic  Molecules,  Van  Nos¬ 
trand,  New  York,  1945. 

4.  J.  W.  Linnett,  Quart.  Revs.  Chem.  Soc.  London,  1,  73  (1947). 

5.  N.  D.  Coggeshall,  Anal.  Chem.,  22,  381  (1950). 


9.4  Ultraviolet  spectroscopy 

9.4a.  Theory  of  ultraviolet  absorption.  Ultraviolet-visible 
absorption  spectroscopy  is  the  most  common  type,  probably  because 
it  occurs  in  the  most  accessible  region  of  the  spectrum  and  includes 
the  visible  colors  of  substances.  The  usual  practice  is  to  work  through¬ 
out  the  visible  range  and  down  into  the  ultraviolet  as  far  as  2000^ A. 
Below  2000  A,  called  the  vacuum  ultraviolet  region,  strong  absorption 
by  oxygen  makes  it  necessary  to  work  in  a  vacuum.  The  region  from 
2000  to  1200  A  was  first  investigated  extensively  by  V.  Schumann,  and 
is  often  referred  to  as  the  Schumann  region. 

Structural  factors  such  as  steric  hindrance,  conjugation,  cis-trans 
somensm,  etc  have  a  pronounced  effect  on  ultraviolet  spectra,  and 
are  readdy  detectable.  The  spectrum  is  broadly  a  function  of  the 
whole  molecular  structure  of  a  substance  rather  than  of  specific  bonds 

d,?pIUSheXCItatl0n-nf  a  moIecule  ultraviolet  or  visible  light  pro¬ 
duces  changes  m  vibrational  and  rotational  states,  in  addition  to  the 
electronic  energy  changes,  the  absorption  bands  are  broader  than  in 
mfrared  spectra,  consisting  of  envelopes  of  vibrational  bands 

so  R 'i?'^enSke  f  *l’AnaL  CW,  19,  700  (1947). 

R.  F.  Stamm,  Ind.  Eng.  Chem.,  Anal.  Ed.,  17,  318  (1945). 
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To  understand  how  ultraviolet  spectra  can  be  of  value  in  deter¬ 
mination  of  electron  structures  of  molecules,  it  is  necessary  to  under¬ 
stand  the  origin  of  spectra  in  this  region  of  the  spectrum.  Consider 
the  homopolar  forms,  I  and  II,  and  polar  forms,  I'  and  II',  of  ethane 
and  ethylene: 


H3C  :  CHs 

H3C  :CH3 

H3C: 

CH 

or 

or 

or 

h3c— ch3 

h3c  ch3 

h3c 

ch3 

I 

I' 

H2C=CH2 

h2c— ch2 

h2c- 

-ch2 

II 

II' 

When  a  molecule  is  placed  in  the  alternating  electromagnetic  field  of  a 
light  beam,  there  is  an  induced  oscillation  of  electrons  throughout  the 
length  of  the  molecule,  in  which  the  displacement  is  proportional  to 
the  polarizability  of  the  molecule.  The  assumption  is  made  that  a 
molecule  can  absorb  certain  characteristic  quanta  of  light  energy, 
which  raise  it  to  some  electronically  excited  state  represented  by 
structures  of  the  type  of  I'  and  II'.  Absorption  of  light  therefore 
brings  about  transition  of  the  molecule  from  its  ground  state  to  an 
electronically  excited  state,  and  the  difference  in  energy  of  these  two 
states  will  determine  the  frequency  of  light  absorbed.  Since  the 
energy  is  quantized,  the  energy  of  the  successive  energy  states  is  given 
by  the  expression 

E  =  (v  +  ^)hv  o 


where  v  is  the  energy  level,  i.e.,  ground,  first  excited,  second  excited 
state,  etc.,  and  vo  is  a  fundamental  vibrational  frequency.  If  E o  and 
E\  are  the  energies  of  the  ground  and  first  excited  states,  respectively , 
the  wavelength  of  light  X  causing  this  transition  can  be  found  from  the 


equations 


Ei  —  Eo  =  (■§  —  v)hvo  -  hv o 


and 


X 


c_ 

Vo 


where  c  is  the  velocity  of  light, 
length  becomes 

X  = 


Therefore  the 
he 

Ex  -  Eq 


expression 


for  wave- 


(7) 
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This  is  the  fundamental  relationship  to  which  reference  will  be  made 
frequently,  for  it  shows  that  the  wavelengths  of  light  that  are  absorbed 
by  a  substance  depend  upon  the  differences  in  energies  of  the  ground 
and  excited,electronic  states  of  that  substance.  The  more  nearly  the 
energy  of  the  first  excited  state  corresponds  to  the  energy  of  the  ground 
state,  the  longer  is  the  wavelength  of  light  absorption.  When  more 
than  one  absorption  band  is  observed  in  the  spectrum  of  a  substance, 
wavelengths  and  absorbency  indexes  of  the  successive  bands  are 
referred  to  as  XmaI,  X'max,  X"ax,  and  am,  aj,  am",  respectively,  beginning 
with  the  band  of  longest  wavelength.  In  general,  although  not  always, 
most  attention  is  paid  to  the  value  of  Xmax,  for  this  corresponds  to 
excitation  of  a  molecule  to  the  excited  state  of  lowest  energy,  i.e.,  its 
first  excited  state. 

Any  modification  in  the  structure  of  a  substance  that  alters  the 
difference  in  energies  of  its  ground  and  excited  states  will  affect  its 
Xmai’s.  In  deliberating  the  influence  of  such  factors  as  resonance, 
steric  strain,  and  spacial  configuration  upon  Xmax,  consideration  must 
be  given  separately  to  the  energy  changes  brought  about  in  the  ground 
and  excited  states.  Thus  it  is  not  the  magnitude  of  the  resonance 
energy  of  a  substance  that  determines  Xmax,  but  whether  the  resonance 
stabilizes  the  excited  states  more  or  less  than  the  ground  state.  This 
fact  is  well  illustrated  by  considering  the  fact  that  benzene  and  naph¬ 
thalene  are  colorless,  while  their  isomers,  fulvene  and  azulene,  are 
yellow  and  deep  blue,  respectively.  According  to  well-founded 
resonance  theories,  structures  involving  separation  of  charge  con¬ 
tribute  chiefly  to  excited  states.  The  resonances  of  benzene  and 
naphthalene  among  homopolar  Kekule  and  Dewar  structures  account 
for  most  of  their  resonance  energies,  while  the  chief  resonating  forms  of 
fulvene  and  azulene  are  the  polar  types  Ilia  and  IVa. 


Ilia 


Alth°„gh  benzene  and  naphthalene  have  larger  resonance  energies 
resonances  are  predominantly  among  homopolar  forms  that 
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chiefly  stabilize  the  ground  states,  making  the  differences  in  energy 
between  the  ground  and  first  excited  states  larger  than  they  would  be 
in  the  absence  of  resonance.  As  a  result,  they  absorb  below  300  m/j. 
On  the  other  hand,  since  the  resonances  of  fulvene  and  azulene  con¬ 
tribute  primarily  to  the  excited  states,  the  potential  energies  of  the 
first  excited  states  are  lower  than  they  would  be  in  absence  of  these 
resonances.  This  decreases  the  energy  differences,  E\  —  E 0,  and 
absorption  results  in  the  visible  region  of  the  spectrum.  The  color  is 
deepest81  for  azulene  because  there  is  a  larger  number  of  polar  forms 
to  stabilize  the  excited  state. 

It  is  apparent  then,  why  there  is  the  common  conception  that  the 
color  of  a  molecule  is  deeper,  the  greater  is  the  resonance.  It  must  be 
clearly  understood,  however,  that  such  is  the  case  when  the  resonance 
is  primarily  among  forms  which  stabilize  the  excited  states  with  respect 
to  the  ground  states  of  molecules.  These  will  usually  involve  forms 
with  a  separation  of  charge.  Qualitatively,  several  correlations 
between  the  molecular  structure  and  the  color  of  organic  molecules 
have  been  recognized,  and  it  will  be  well  to  examine  some  of  these. 


9.4b.  Chromophores.82  It  was  recognized  early  that  the  structure 
of  a  colored  substance  possesses  one  or  more  unsaturated  linkages, 
called  chromophores,  and  that  the  chromophores  have  varying  color- 
producing  abilities.  This  is  observable  from  the  order  of  increasing 
Xmax  for  simple  compounds: 


CH2=CH2 

Xmax  =  180  m/i 

CH3N=NCH3 
Xmax  =  347  m/x 


(CH3)2C=NCH3 
230  m/x 
(CH3)2C=S 
400  m/x 


(CH3)2C=0 

280  m/x 

c4h9n=o 

665  m/x 


The  order  of  chromophoric  power  of  these  double  bonds  is  due  to  the 
two  factors,  relative  electronegativity  differences,  and  relative  ease  of 


81  Color  depth  increases  with  increasing  wavelengths,  for  visible  colors  from 

yell°"TherdeKnitkm’s  of  some  useful  spectrographic  terms  are  as  follows:  hyper¬ 
chrome,  a  group  which  causes  an  increase  in  the  molar  absorbency  index  of  an 
absorption  band;  hypochromc,  a  group  which  causes  a  decrease  in  the  molar 
absorbency  index  of  an  absorption  band;  bathochrome,  a  group  which  produces  a 
shift  of  an  absorption  band  toward  longer  wavelengths;  hypochrome  a  group 
which  produces  a  shift  of  an  absorption  band  toward  shorter  wavelengths;  chroma- 
phore  a  group  containing  multiple  bonds  which  are  fundamentally  respons.Me 
for  the  color  of  organic  substances  (Gr.  chrome,  color,  +  pharos  bearer)  «"To- 
chrome  a  group  which  does  not  confer  color  upon  an  otherwise  colorless  substance 
but  does  increase  the  coloring  power  of  a  chromophoie  (Gr.  auxo,  increase). 
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double  bond  formation  in  going  from  C — C  to  N — O.  The  ability  of 
atomic  p  orbitals  to  overlap  for  bond  formation  decreases  in  the  oi  dei 
carbon,  nitrogen,  oxygen,  and  sulfur.  Hence  ^the  order  of  importance 

of  the  single  bond  structure  of  a  polar  form,  A—  B~,  increases  in  this 
same  order,  carbon,  nitrogen,  oxygen,  and  sulfur.  Also,  the  greater 
the  difference  in  electronegativity  of  the  two  bonded  atoms,  the 
greater  is  the  ionic  character  of  the  double  bond.  The  net  result  of 
these  two  factors  is  to  decrease  the  energy  difference  between  the 
excited  and  ground  states  of  the  molecules,  and  hence  to  cause  absorp¬ 
tion  to  occur  at  longer  wavelengths  in  the  order  illustrated  above. 
Evidence  for  the  first  factor,  commonly  referred  to  as  strain,  is  found 
in  the  fact  that  \max  increases  in  going  from  cyclohexane  to  cyclopro¬ 
pane,  and  from  cyclohexanone  through  cyclobutanone  to  ketene. 
Thus  with  increasing  strain  (a  double  bond  can  be  considered  a  two- 
membered  ring)  the  potential  energy  of  the  ground  state  is  increased, 
which  of  course,  decreases  the  quantity,  E i  —  E0. 


9.4c.  Nuclear  substitution.  Doub  and  Vandenbelt83  have  made 
the  most  systematic  collation  of  the  spectra  of  mono-  and  di-sub- 
stituted  benzenes.  When  the  substituent  groups  are  divided  into 
electron-donating  ( ortho -  and  para-directing)  and  electron-attracting 
(meta-directing)  types,  and  arranged  in  order  of  increasing  displace¬ 
ments  of  the  203-mp.  band  of  benzene,  the  following  series  is  obtained : 


ortho-  and  para-directing 
CH3  <  Cl  <  Br  <  OH  <  OCH3  <  NH2  <  0" 
meta-directing 

NH3+  <  S02NH2  <  COO-  =  CN  <  COOH  <  COCH3  <  CHO  <  N02 

It  will  be  lecalled  that  due  to  an  interaction  resonance ,  the  dipole 
moments  of  p-disubstituted  benzenes,  each  containing  a  meta-  and 
an  ortho-para- directing  group,  are  larger  than  the  vector  sums  of  the 
respective  monosubstituted  compounds.  For  example,  the  moments 
of  nitrobenzene  and  aniline  are  3.95 D  and  1.53 D,  respectively,  but  the 
moment  of  p-mtroaniline,  6.1  D,  is  greater  than  3.95  +  1.53.  Simi¬ 
larly,  the  greater  the  complementary  resonance  interactions  of  the  sub- 

W  f !?!’  4  greater  are  the  ShittS  of  the  203-m"  benzene  band 

for  p-substituted  compounds.  That  is,  ortho-  and  nam-directine 

fnteTct'ionTead  T  KleCtr°n  °f  ri',g’  and  this  ^onic 

nteraction  leads  to  absorption  at  longer  wavelengths  than  for  benzene. 

(1949)T  D°Ub  and  J'  M-  Vandenbelt  J ■  Chem.  Soc.,  69,  2714  (1947) ;  7!,  2414 
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il/e£a-directing  groups  decrease  the  electron  density  of  the  nucleus,  and 
this  too  leads  to  absorption  at  longer  wavelengths  than  for  benzene. 
When  two  such  opposite  types  of  groups  are  para-oriented  about  the 
same  nucleus,  they  complement  one  another,  and  the  greater  their 
opposite  character,  the  greater  is  the  resonance  interaction.  It  can 
be  seen  in  Table  9.9  that  with  a  few  exceptions,  the  greater  the 
bathochromic  shift  of  the  203-in^  benzene  band  for  two  opposite  types 
of  groups,  the  greater  is  the  red  shift  for  the  respective  disubstituted 
benzene. 

Table  9.9 

Bathochromic  Shifts  of  the  203 -mu  Benzene  Absorption  Band  of  Substituted 

Benzenes 


C6II6- 

X 

-X 

c6h6- 

Y 

-Y 

p— x— 

C6H4 — Y 

Difference 

Calc,  sum 

Obs.  shift 

Cl, 

6 

COOH, 

26 

32 

38 

6 

Br, 

7 

COOH, 

26 

33 

42 

9 

OH, 

7 

COOH, 

26 

33 

52 

49 

nh2, 

26 

'  CN, 

21 

47 

67 

20 

OH, 

7 

COCHa, 

40 

47 

72 

25 

Br, 

8 

COCHa, 

40 

48 

55 

7 

OH, 

7 

CHO, 

45 

52 

80 

32 

och3, 

13 

COCHa, 

40 

53 

73 

20 

nh2, 

26 

COCHa, 

40 

66 

108 

42 

o-, 

32 

COCHa, 

40 

72 

121 

49 

Cl, 

6 

no2, 

68 

74 

77 

3 

OH, 

7 

no2, 

68 

75 

114 

39 

0", 

32 

CHO, 

45 

77 

127 

50 

nh2, 

26 

no2, 

68 

94 

178 

84 

0-, 

32 

no2, 

68 

100 

199 

99 

The  spectra  of  alkylbenzenes  provide  additional  evidence  for 
hyperconjugation.  From  the  spectra84  in  the  near  ultraviolet  of 
toluene,  ethylbenzene,  isopropylbenzene,  and  teri-butylbenzene,  it  is 
found  that  the  principal  absorption  bands  shift  to  longer  wavelengths 
on  passing  from  tert-butylbenzene  to  toluene.  This  result  is  attributed 
to  diminished  hyperconjugation  in  the  alkyl  groups  as  the  a-hy  rogen 
atoms  are  successively  replaced  by  alkyl  groups.  That  is,  hypercon¬ 
jugation  stabilizes  the  excited  state  of  toluene  to  the  greatest  extent, 
thereby  leading  to  absorption  at  the  longest  wavelengths.  Work  J  in 

.4  F.  A.  Matsen,  W.  W.  Robertson,  and  R.  L.  Chuoke,  Chern.  Revs.,  41,  273 
^  85  E.  P.  Carr  et  al.,  J.  Chem.  Phys.,  4,  751,  760  (1936). 
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the  Schumann  region  corroborates  this  viewpoint,  where  it  is  found 
that  the  progressive  substitution  in  ethylene  by  methyl  groups  results 
in  the  progressive  shift  of  Amax  to  longer  wavelengths.  The  same  effect 
is  observed  upon  substitution  of  alkyl  groups  into  cycloalkane  nuclei. 

9.4d.  Conjugation  and  insulation  of  chromophores.  With 
two  or  more  conjugated  chromophores,  resonance  among  ionic  forms 
becomes  more  important  because  of  the  formation  of  polycentric 
molecular  orbitals  (Sec.  2.4g  and  2.4h).  Thus  1,3-pentadiene  has  a 
larger  Amax  than  does  1,5-hexadiene  because  of  the  greater  contribution 
to  resonance  made  by  the  polar  structures 

CH2— CH=CH— chch3 


than  by  any  of  the  forms  where  only  one  ethylenic  bond  is  polarized 


ch2— ch— ch2— ch2— ch=ch2 


Molecules  with  two  insulated  chromophoric  systems,  i.e.,  systems 
separated  by  one  or  more  saturated  atoms  or  me/a-oriented  about  a 
benzene  ring,  will  absorb  light  of  nearly  the  same  wavelength  as  a 
molecule  containing  only  one  such  chromophoric  system,  but  the 
intensity  of  the  light  absorbed  by  the  former  molecules  will  be  approxi¬ 
mately  twice  that  of  the  latter.  This  is  illustrated  by  the  data  listed 
in  Table  9.10. 


The  longer  the  extension  of  conjugated  chromophores,  the  larger 
becomes  Amax.  A  splendid  example  is  provided  by  the  para  and  the 
meta  polyphenyls  studied  by  Gillam  and  Hey86  whose  results  are  listed 
in  Table  9.11.  For  the  para  series,  in  which  there  is  conjugation 


iroughout  the  molecules,  Xmax  increases  with  increasing  length  of  the 
molecules  while  in  the  meta  series  where,  starting  with  biphenyl  each 
additional  phenyl  ring  is  placed  meta  to  the  rest  of  the  ch]in  the 
conjugation  extends  only  through  any  two  adjacent  rings  and  is ’thus 
of  the  same  length  as  in  biphenyl.  For  as  many  as  16  phenyl  rinsrs  so 
a  ac  ed,  is  practically  the  same  as  for  biphenyl. 

n  isolated  carbonyl  group  gives  a  low-intensity  band  (A <  1001 

"  oTn^r  ^',8le  6t^eniC  f  °UP  giWS  a  hi^-intility  ban] 

map]-,  m When  these  two  are  conjugated 

A.  E.  Gillam  and  D.  H.-Hey,  J.  Chem.  Soc.,  1170  (1939). 
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Table  9.10 


Spectral  Characteristics  of  Some  Similarly  Conjugated  or  Insulated  Chromo- 

phoric  Systems 


Compound 


X 


max 


Am 


CH3— (CH=CH)2— CHOH=CH 


263  mu 

16,800 

267 

33,800 

247 

17,200 

247 

29,800 

295 

26,300 

298 

52,700 

230 

28,500 

Ch3— (CH=CH)2— CHOH— C=C— CHOH— (CH=CH)2— CH3  229  74,000 


Table  9.11 

Wavelengths  of  the  Maximum  Absorption  Bands  of  the  Meta  and  Para 

Polyphenyls 


Para 

Meta 

\ 

n 

^mai 

n 

Amax 

0 

251 .5  m/i 

0 

251.5  m/u 

1 

280.0 

1 

251.5 

2 

300 

7-12 

253 

3 

310 

13 

254 

4 

317.5 

14 

255 

producing  an  «,/3-unsaturated  carbonyl  compound,  the  two  bands 
occur  in  the  regions  310-330  mg  and  220-260  m g,  respectively.  Also 
the  thio-semicarbazones  of  carbonyl  compounds  have  two  a  >sorp  1 
bands  near  230  mu  and  271  mg,  while  for  the  thiosemicarbazones  of 
unsaturated  carbonyl  compounds  these  two  bands  are  '“to  245 

mg  and  301.5  mg.  Consequently,  a  saturated  carbonj  c  P 

be  distinguished  from  an  a,0- unsaturated  carbonyl  compound  by 
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measuring  the  spectrum  of  either  the  carbonyl  compound  or  its  thio- 
semicarbazone,  since  the  saturated  and  unsaturated  substances  absoib 
in  different  regions. 


Compound 

^max  (m/i) 

Saturated 

a,/3-Unsaturated 

Carbonyl  . 

275  (Am  <  100) 
230  and  271 

220-260  (Am  ^  104) 
245  and  302 

Thiosemicarbazone . 

In  Sec.  8.5,  it  was  shown  from  dipole  moment  and  chemical  proper¬ 
ties  that  a  cyclopropyl  or  epoxy  group  can  be  considered  to  conjugate 
with  an  unsaturated  group,  although  to  less  extent  than  does  a  second 
unsaturated  group.  Ultraviolet  spectra,  too,  provide  evidence  that 
such  is  the  case,  which  is  due  to  hyperconjugation  of  single  C — C  or 
C — 0  bonds  in  three-membered  rings.  For  illustration,  the  wave¬ 
lengths  at  maximum  absorption  for  skeleton  structures  of  some  simple 
compounds  are  listed  below,  where  it  can  be  seen  that  the  regions  of 
absorption  of  the  cyclopropyl  and  epoxy  compounds  are  between  those 
of  the  corresponding  alkyl  and  conjugated  unsaturated  derivatives. 


R3C— C=C 
175  m/j. 


=c  c- 


r3c— c= 

280  m n 


0 


-c— c=c  c- 


>  175  m/i 
C 


-c— c=c 


-c— c=o 

290  m /i 


>175,  <210  m/x 


c=c — c=c 

217  m/i 

c=c— c=o 

310-330  m/i 


R3C — C=N 

180  m n 

r3c— c6h6 

259  m/i 


C — C=N 


210  mu 

C 


0 

/  \ 


C— C«HS  C - C— C«H 


260  m/i 


274  m/i 


C=C — C=N 
214-217  m/i 

C=C— C6H5 
290  m/i 


-  orbita  n  K  Ct  that  c°P*anarity  has  upon  resonance  or 

p  orbital  overlap  between  two  conjugated  double  bonds  has  been 

epor  ed  recently  by  N.  J.  Leonard  and  his  collaborators  81  They 

N.  J.  Leonard  et  al„  J.  Am.  Chem.  Soc.,  72,  484,  5388  (1950) 
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measured  the  spectra  of  certain  diaryl  diketones  and  of  the  series  of 
cyclic  diketones 


h3c  ch, 

Vo 


(CH,)»  I 
\  CO 

/  \ 

h3c  ch3 


n  =  1,  2,  3,  4  and  14 


wherein  the  angle  between  the  planes  of  the  carbonyl  groups  depends 
upon  the  size  of  the  ring.  Thus  when  n  is  1,  the  two  carbonyl  groups 
are  constrained  in  a  cis  configuration  due  to  the  small  rigid  size  of  the 
five-membered  ring,  and  the  absorption  spectrum  of  the  compound 
should  be  that  of  a  cis  coplanar  dicarbonyl  grouping.  As  n  increases, 
the  angle  between  the  carbonyl  groups  is  gradually  increased  (largely 
due  to  repulsion  between  the  oxygen  atoms)  from  0°  until  the  ring  is 
large  enough  to  accommodate  the  carbonyl  groups  at  180°.  The 
absorption  spectrum  of  the  substance  with  n  large  would  therefore  be 
representative  of  two  trans,  coplanar  carbonyl  groups.  From  a  con¬ 
sideration  of  Fisher-Hirschfelder-Taylor  models  of  the  diketones, 
Leonard  and  co-workers  estimated  the  intercarbonyl  angles,  and  their 
results,  with  the  corresponding  absorption  maxima,  are  given  in 
Table  9.12. 

Table  9.12 


Intercarbonyl  Angles  and  Absorption  Maxima  of  Certain  Diketones 


Substance 


Camphorquinone . 

3.3.6.6- Tetramethyl-cyclohexadione-l,2 . 

3.3. 7.7- Tetramethy  1-cy  cloheptadione- 1 ,2 . 

3.3.8.8- Tetramethyl-cyclooctadione-l,2 . 

2,2,5,5-Tetramethyl-hexadione-3,4 . ■ . 

3,3,18, 18-Tetramethyl-cyclooctadecanedione-l,  2. 


Benzil . 

Isoduryl  phenyl  diketone. 

Isoduril . 

Mesitil . 


Angle 

^max  (iTl/i) 

° 

o 

H 

1 

o 

466 

0-60° 

380 

90-110° 

337 

100-140° 

343 

90-180° 

365 

100-180° 

384 

90° 

370 

O 

O 

(X) 

i-H 

1 

0 

O 

O 

402 

180° 

490 

180° 

493 

The  last  four  compounds  in  Table  9.12  are  to  be 

the  first  six  compounds,  inasmuch  as  the  aromatic  nude ^  “c 
extraneous  phenyl-carbonyl  absorption.  It  seems  reasona 
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that  resonance  is  greatest  when  the  two  carbonyl  groups  aie  coplanar, 
i.e.,  0°  or  180°  to  one  another,  and  least  when  perpendicular  or  90°  to 
one  another.  Coplanarity  here  permits  greater  resonance  which 
reduces  the  potential  energy  of  the  excited  states  with  respect  to  the 
ground  states,  and  hence  leads  to  absorpt  ion  at  the  longest  wavelengths. 

9.4e.  Linearly  conjugated  compounds.  There  are  several  types 
of  linearly  conjugated  compounds  such  as  the  polyenes  (V) 

R(CH=CH)n — CH=CH — R,  R— CH— (CH=CH)n— CH— R 


the  polyenals  (VI), 

R — (CH=CH)n — CHO, 


R— CH— (CH=CH)n— O 


the  polyene-azines  (VII), 


(R — (CH=CH)n — CH=N — )2, 

R — CH — (CH=CH)„ — N — N=CH — (CH=CH)m — R 
R — CII — (CH=CH)n — N=N=CH — (CH=CH)m — R 
R— CH — (C  H=CH)  n — N=N —  (C  H=C  H)  m — C  H — R 
and  the  polyene-azomethines  (VIII) 

R2N— (CH=CH)n— CH=NR2,  R2N=CH — (CH=CH)n — NR2 


These  series  can  be  grouped  into  two  classes.  In  Class  I  will  be 
included  those  types  (V-VII)  in  which  the  chief  resonance  is  among 
dipolar  structures,  which  stabilizes  the  excited  states  more  than  the 
ground  states  of  the  substances.  Consequently,  the  greater  the 
resonance,  the  smaller  is  the  difference  between  the  energies  of  the 
excited  and  ground  states,  and  in  turn  the  larger  will  be  Xmax.  Lewis 
and  C ah  in,88  and  others,89  have  shown  that  for  this  class  of  compounds, 
the  square  of  Xmai  varies  linearly  with  n,  where  n  is  the  number  of 
conjugated  ethylenic  bonds  in  the  molecules.  Some  examples  are 
illustrated  in  Figs.  20  and  21. 

In  Class  II  will  be  included  those  dyes  (VIII)  for  which  the  major 
resonance  is  among  forms  that  stabilize  primarily  the  ground  states  of 


!!  ^jew*s  an<I  M.  Calvin,  Chem.  Revs.,  25,  273  (1939) 
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the  substances.  Ihus  for  the  polyene-azomethines,  the  resonance  is 
predominantly  among  forms  Villa  and  VUIb 


R2N— (CH=CH)n— CH=NR2, 
Villa 


+ 

R2N=CH—  (CH=CH)n— NR2 
VUIb 


which  contribute  primarily  to  the  ground  states,  since  the  molecules 
are  perfectly  stable  in  either  form  and  represent  normal  ammonium- 
type  salts.  However,  the  longer  the  distance  between  the  nitrogen 


n 

Fig.  9.20. 


Fig.  9.21. 


Fig.  9.20.  Graph  of  X2max  vs.  the  number  of  ethylenic  bonds,  n,  in  the  series: 


Jl— (CH=< 


lJ-< 


:CH)„COOH 


(1) 

(2) 

(3) 

(4) 


^  (CH=CH)„CHO 

CH3(CH=CH)„COOH 
CH3(CH=CH)„CHO 

Fig.  9.21.  Graph  of  A2max  vs.  the  number  of  ethylenic  bonds,  n,  in  the  senes 

C6H6(CH=CH)„CHO 

C6H6(CH=CH)nCH=NN=CH(CH=CH)mC6H6 

C6Hb(CH=CH)bCH==NC6H6 

atoms,  the  less  will  be  the  resonance  between  these  two  forms,  because 
of  the  greater  electron  rearrangement  that  is  involved  in  passing  from 
one  form  to  the  other.  This  means  that  with  increasing  n,  the  energ ic 
of  the  ground  states  are  increased  due  to  diminished  resonance  stabih- 


(5) 

(6) 
(7) 
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zation.  On  the  other  hand,  the  polar  forms  in  which  the  positive 
charge  resides  on  any  of  the  carbon  atoms 

+ 

R2N — CH=CH — CH=CH — CH — NR2 

R2N— CH=CH— CH— CH=CH— nr2 

R2N — CH — CH=CH — CH==CH — NR2 

contribute  primarily  to  the  excited  states,  and  the  larger  the  value  of 
n,  the  greater  is  the  number  of  such  structures.  Hence  with  increasing 
n,  the  resonance  stabilization  of  the  excited  states  increases  and  thereby 
lowers  the  energies  of  the  excited  states.  Therefore  as  n  increases, 
the  potential  energy  of  the  excited  states  is  decreasing  and  that  of  the 
ground  states  is  increasing,  with  a  result  that  Ex  —  E0  is  rapidly 
decreasing  with  increasing  n.  Experimentally90  it  is  found  that  for 
this  class  of  compound,  Xmax  varies  linearly  with  n.  The  energy 
relationships  of  these  two  classes  of  compounds  have  been  represented 
by  Maccoll91  by  the  following  type  of  diagrams. 


bfi 

3 

G 

o> 

*3 


< D 

o 

Oh 


El 


-I  L 


-I  L 


-1  L 


123456789 

n 

Class  I 


E , 


J _ L 


-J 


123456789 


n 

Class  II 


The  upper  dashes  represent  the  potential  energies  of  the  excited  states, 
and  the  lower  dashes  represent  the  potential  energies  of  the  ground 
states  of  the  compounds  for  a  given  value  of  n.  It  is  observed  that 
Ei  —  E0  decreases  with  increasing  n  much  more  rapidly  for  Class  II 
compounds.  The  difference  is  that  for  Class  I  it  is  the  second  power  of 

and  for  Class  II,  it  is  the  first  power  of  Xmax  that  gives  a  straight 
line  when  plotted  against  n. 

cJmbot  67?;O8069eri’875d  SITmM'  ^  M’  275  <I942>: 

S»c„  A163,  138  MSi 0936)  ^  HamCT'  ^  ^ 

91  A.  Maccoll,  Quart.  Revs.  Cheni.  Soc.  London,  1,  11  (1947). 
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9.4f.  Steric  effects.  The  effects  of  steric  hindrance  upon  the 
color  of  a  substance  are  largely  due  to  its  interference  with  the  reso¬ 
nance  of  the  compound,  either  when  the  substance  is  in  its  ground 
state  or  when  it  is  in  one  of  its  excited  states.  Interference  in  the 
excited  state  diminishes  the  resonance  stabilization  of  that  state  and 
thereby  increases  the  energy  difference  E x  —  E 0  so  that  absorption 
occurs  at  shorter  wavelengths.  Similarly,  interference  in  the  ground 
state  diminishes  the  resonance  stabilization  of  the  ground  state, 
decreases  the  difference  Ex  —  E 0,  and  as  a  result,  absorption  shifts 
toward  longer  wavelengths.  The  former  situation  has  been  reported 
by  many  authors;  one  example  is  a  study  of  the  spectra  of  some  sub¬ 
stituted  ethylenes.92  The  Xmax  for  styrene,  C6H5CH=CH2  (240  m/x), 
is  attributed  to  the  resonance  among  such  forms  as 


+ 


where  a  phenyl  ring  and  the  two  ethylenic  carbon  atoms  are  in  the 
same  plane.  The  resonance  of  trans- stilbene  among  such  forms  as 


accounts  for  a  larger  Xmax  (295  m^)  and  requires  that  two  phenyl  rings 
and  the  ethylenic  carbon  atoms  be  coplanar.  I  he  smallei  Xmax  of 
cis- stilbene  is  attributed  to  the  fact  that  both  phenyl  rings  cannot  be 
coplanar  due  to  interference  of  the  ortho-hydrogen  atoms.  Its  first 
excited  state  lies  higher  than  that  of  the  trans  isomer  due  to  the  energy 
required  to  bend  the  ortho  C — H  bonds  to  permit  the  phenyl  rings  to 
be  coplanar.  The  methyl  groups  of  trans-a, 0-dimethylstilbene  pre¬ 
vent  simultaneous  coplanarity  of  both  phenyl  rings  with  the  ethylenic 
carbon  atoms,  so  that  it  has  a  spectrum  like  that  of  styrene.  1  he  same 
considerations  apply  to  imsym-diphenylethylene  where  the  ortho 
hydrogen  atoms  force  one  phenyl  ring  to  rotate  out  of  the  plane  of  t  e 
rest  of  the  molecule.  It  is  expected  to,  and  does,  have  a  spectrum  like 
that  of  styrene.  Tri-  and  tetra-phenylethylene  may  actually  have 
two  rings  coplanar  with  the  ethylene  carbon  atoms  il  one  Phenyl  mg 
on  each  carbon  atom  simply  rotates  out  of  the  plane  of  the  molecule. 

R.  N.  Jones,  J.  Am.  Che m.  Soc.,  65,  1818  (1943);  Y.  Hirshberg,  J.  Am.  Chem. 
Soc.,  71,  3241  (1949). 
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These  compounds  therefore  are  of  three  groups,  as  listed  below. 


Intermediate 

/rans-Stilbene-type 

Styrene-type  spectrum 

spectrum 

spectrum 

Styrene 

cts-Stilbene 

irans-Stilbene 

a,/3-Diphenylethylene 

a-  Methy  lstilbene 

Triphenylethylene 

a,/3-Dimethyl-/rans-stilbene 

Tetraphenylethylene 

Another  type  of  compound  for  which  this  steric  effect  in  excited 
states  has  been  reported  is  that  of  aniline.  The  resonance  of  aniline 
derivatives  is  among  forms  such  as 


in  which  the  ring,  the  nitrogen  atom,  and  the  alkyl  carbon  atoms  must 
be  coplanar.  When  groups  are  situated  in  the  ortho  positions  of  the 
ring  there  is  a  spatial  interference  to  such  planarity,  and  as  expected, 
absorption  is  diminished  and  usually  occurs  at  shorter  wavelengths. 
Thus  the  heights  of  the  absorption  bands  of  A^Af-dimethylaniline, 
2-methyl-,  and  2,6-dimethyl-W,A^-dimethylaniline,  which  do  not  differ 
appreciably  in  wavelength,  decrease  in  that  order.93  A  similar  trend  is 
also  found  in  the  oA/io-halogenated  A^,A^-dimethylanilines93  whose 
absorption  bands  diminish  as  the  size  of  the  halogen  atoms  increase. 
See  Table  9.13. 


Table  9.13 


Molar  Absorbancy  Index  of  Some  Dimethylanilines* 


Compound 

N,  A-Dimethylaniline . 

4-Methyl- .V,  A  -dimethylaniline . 

2-Methyl- N,  A-dimethylaniline . t . 

2, 6-Dimethyl- A,  A-dimethylaniline . 

2-ter<-Butyl-A,  A-dimethylaniline . ^ 

o-Fluoro-A,  A-dimethylaniline . 

o-Chloro-A,  A-dimethylaniline . '  ' 

o-Bromo-A,  A-dimethylaniline . ’  ’ 

The  wavelengths  vary  but  differ  by  only  small  amounts. 


14,000 

15,000 

6,000 

2.500 
1,000 

12,000 

7.500 
6,000 


Similar  steric  effects  result  when  groups  are  placed  ortho  to  a  nitro 
group,  causing  a  hindrance  to  coplanarity  of  the  nucleus  and  the  oxy- 
93  W.  R.  Remington,  J.  Am,  Chem.  Soc.,  67,  1838  (1945). 
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gen  atoms  of  such  structures  as 


For  illustration,93’94  the  molar  absorbancy  indexes  of  some  nitro- 
benzenes  are  listed  in  Table  9.14,  where  it  can  be  seen  that  absorption 
decreases  as  the  effectiveness  of  the  ortho  groups  to  suppress  the 
nitro  group  resonance  increases. 


Table  9.14 

Molar  Absorbancy  Indexes  of  Some  Aromatic  Nitro  Compounds 93  94 


Compound 


(' 


d-Af 

385  mju) 


Compound 


Am 

( 250  mju) 


0jN — \_y — N — (CHsh 

18,400 

02N_<r\-N-(CH3)9 

16,500 

/  ' 

H3C 

h3c 

°2n  v3“n_(CH3)2 

6,500 

/  ' 

HjC 

8,620 

3,760 


negligible 


negligible 


Based  on  this  now  well-founded  principle,  that  the  damping  of  reso¬ 
nance  through  steric  hindrance  diminishes  Am  and  usually  Xmsx, 
Arnold  and  Craig95  concluded  from  ultraviolet  spectra,  as  well  as  from 
other  physical  and  chemical  studies,  that  the  steric  effect  of  a  methyl¬ 
ene  group  in  atomic  groupings  decreases  m  the  order96 


CH3  >  6-membered  ring  »  5-membered  ring 

.<  W.  G.  Brown  and  H.  Reagan,  J.  Am .Chem.  Soc  69,  1032  (1947) 

95  T?  T  Arnold  and  P  N  Craig,  J.  Am.  Chem.  Soc.,  72,  2/28  (lJau;,  v^.  vjoium 
bio  and  m!  Orchin,  [J.  Am.  Chem.  Soc,  72,  4155  (1950)]  concur  on  this  order  from 

partition  studies  on  phenols.  Kadesch  1/  Am.  Chem.  Soc., 

••  Compare  with  the  chemical  evidence  of  »HG>K“eS",b^ed  ri  >  5-roem- 
66,  1208  (1944)]  which  shows  the  order  to  be  CH3 
bered  ring  >  6-membered  ring. 
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A  third  type  of  compound  examined  for  this  steric  hindrance  in 
excited  states  is  the  group  of  substituted  biphenyls.  It  is  found  that 
3,3'-,  or  4,4'-disubstituted  biphenyls  have  spectra  similar  to  that  of 
biphenyl,  with  anticipated  substituent  effects.  These  spectra  are 
thought  to  correspond  to  the  contributions  from  such  forms  as 


where  the  two  phenyl  rings  are  coplanar.  For  2,2'-disubstituted  and 
especially  2,6,2',6'-tetrasubstituted  biphenyls,  the  spectra  are  found 
to  be  similar  to  those  of  the  correspondingly  substituted  benzenes. 
This  is  due  to  steric  interference  with  the  biphenyl-type  resonance 
from  the  ortho  groups. 

Some  examples  where  steric  hindrance  occurs  in  the  ground  state  of 
substances  have  been  reported.97-98  An  example  of  this  is  provided 
by  the  compounds  di-N-H-dipyrrylmethane  perchlorate  (IX)  and 
di-N-methyldipyrrylmethane  perchlorate  (X) . 


J”  t8e, Uvo,  pyrrole  "“8®  couId  be  coplanar  by  a  slight  bending  of 
the  N—H  bonds.  In  X,  the  methyl  groups  would  overlap  too  much  to 

fromWn,flen  +°  T  ™S* !  to  Ue  in  the  same  Pla™.  This  departure 

om  planarity  decreases  the  resonance  in  the  ground  state,  bringing 

ut  a  smaller  difference  in  energies  of  the  ground  and  first  excited 

states,  and  consequent  absorption  at  longer  wavelengths. 


"  9-  Brooker  et  al.,  Chem.  Revs., 

K.  J.  Brunings  and  A.  H.  Corwin,  J. 


41,  325  (1947). 

Am.  Chem.  Soc.,  64,  593  (1942). 
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9.4g.  Chelation.  Several  investigators99'100101  have  reported  that 
certain  aromatic  compounds  with  an  orf/io-hydroxyl  group  absorb  light 
at  longer  wavelengths  than  do  the  corresponding  meta  and  para 
hydroxy  derivatives.  It  has  been  suggested  that  the  bathochromic 
effect  of  the  ortho- hydroxyl  group  is  due  to  intramolecular  hydrogen 
bond  formation,99  which  is  referred  to  as  chelation.102  Recently103  it 
was  proposed  that  the  410-m/x  band  of  6fs-(salicylal)-ethylenediamine, 
XI,  is  due  to  a  chelated  structure,  inasmuch  as  6fs-(p-hydroxybenzal)- 


ethylenediamine  and  6fs-(o-methoxybenzal)-ethylenediamine,  for 
which  chelation  is  impossible,  do  not  have  absorption  bands  above 
320  mp.  There  is  a  marked  visible  change  upon  methylating  the 
hydroxyl  groups  of  XI,  for  the  latter  compound  is  bright  yellow  while 
its  methyl  ether  is  pure  white. 

The  bathochromic  effect  of  chelation  in  ortho  hydroxy  compounds 
may  be  understood  in  terms  of  molecular  structures  that  contribute 
to  the  resonances  of  these  molecules.  The  chief  polar  structures  con¬ 
tributing  to  the  resonance  hybrids  of  XI  are  probably  of  type  XII, 
which  are  important  primarily  in  the  excited  states  of  the  molecules. 


It  was  shown  in  Sec.  2.8b  that  a  hydrogen  bond,  A  H  •  •  •  B,  is 
largely  due  to  electrostatic  attraction  between  atom  B  and  the  proton, 


99  E.  D.  Bergmann,  Y.  Hirshberg,  and  S.  Pinchas,  J.  Chem.  Soc.,  2351  (1950). 

100  L.  Dede  and  A.  Rosenberg,  Ber.,  67,  147  (1934);  R.  A.  Morton  and  A.  L. 

Stubbs,  J.  Chem.  Soc.,  1347  (1940). 

101  E.  R.  Blout  and  R.  M.  Gofstein,  J.  Am.  Chem.  Soc.,  67,  13  (1945). 

102  It  has  also  been  observed  that  many  o-substituted  compounds  have  two 
bands  in  place  of  the  one  of  the  correspondingly  m-  and  p-substituted  compounds. 
The  double  maxima  have  been  attributed  to  association  and  chelation,  and  also 
to  resonance  among  forms  arising  from  noncollinear  electron  oscillations.  See 

also  footnote  101.  Q^n7  /i  aci  \ 

103  L.  N.  Ferguson  and  I.  Kelly,  J .  Am.  Chem.  Soc.,  73,  3/0/  (lJol). 
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and  the  greater  the  electron  density  about  B,  the  greater  will  be  the 
bond  energy.  The  charge  distribution  in  XII  is  more  favorable  for 
hydrogen  bond  formation  than  in  XI,  and  therefore  a  stronger  hydro¬ 
gen  bridge  is  formed  in  XII  than  in  XI.  The  result  is  that  chelation 
stabilizes  XII  to  a  greater  extent  than  XI.  Consequently,  the  energy 
difference  between  the  ground  and  excited  states  is  diminished,  and 
absorption  takes  place  at  longer  wavelengths  than  for  similar  com¬ 
pounds  in  which  chelation  does  not  occur. 


9.4h.  Analysis.  It  can  be  seen  from  the  foregoing  correlations 
between  ultraviolet  spectra  and  chemical  constitution  of  organic  mole¬ 
cules  that  ultraviolet  spectroscopy  serves  as  a  valuable  tool  for  elucida¬ 
tion  of  structure  and  characterization  of  new  compounds.  It  is  almost 
standard  procedure  now  to  record  either  the  infrared  or  ultraviolet 
spectrum  when  proposing  a  structure  for  a  new  substance  or  reporting 
its  physical  properties.  Many  cases  can  be  found  in  the  literature 
where  the  structure  of  a  compound  was  selected  from  several  possi¬ 
bilities  on  the  basis  of  its  spectrum. 

Optical  resolution  of  ultraviolet  absorption  bands  is  not  so  sharp 
as  it  is  for  infrared  bands,  and  for  this  reason  ultraviolet  spectroscopy 
has  been  used  to  a  much  greater  extent  for  qualitative  than  for  quan¬ 
titative  analysis,  although  colorimetry  is  a  form  of  visible  spectro¬ 
photometry,  and  of  course  is  quite  common  for  both  qualitative  and 
quantitative  analysis.  Nevertheless,  in  recent  years,  it  has  been 
demonstrated  that  highly  accurate  analyses  can  be  performed  by 
means  of  ultraviolet  spectrophotometry.104  For  instance,  mixtures  of 
hydrocarbons,105  containing  up  to  six  components,  and  mixtures  of 
monomelic  styrene  and  polystyrene,106  have  been  analyzed  with  very 
good  results.  The  general  procedure  is  the  same  as  that  used  in  infra¬ 
red  spectrophotometry,  wherein  the  intensities  of  the  characteristic 
absorption  peaks  are  determined  and  the  concentrations  of  the  respec¬ 
tive  components  are  calculated  by  solution  of  the  Beer’s  law  equations, 
Ai  =  aid.  Here  A{  are  the  absorbencies  of  the  sample  at  a  given 
wavelength,  a,  are  the  molar  absorbence  indexes  at  this  wavelength, 
and  d  are  the  unknown  concentrations.  For  a  mixture  with  n  com¬ 
ponents,  there  are  n  equations  to  be  solved  simultaneously. 


J.  Rosenbaum  in 


104  See  the  annual  reviews  of  ultraviolet  spectroscopy  by  E 
Anal.  Chem.,  23,  12  (1951);  22,  14  (1950)  y 

Zumwalt,  Anal.  Chem.,  21,  890  (1949).  ’  '  Tunmchff’  R’  R-  Brattam>  and  L.  R. 

McGovern,  J.  M.  Grim,  and  W.  C.  Teach,  Anal.  Chem.,  20,  312  (1948). 
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9.4i.  Applications  to  physicochemical  studies.  Several  types  of 
physicochemical  problems  have  been  investigated  spectrophotometri- 
cally,  and  the  method  lends  itself  well  to  the  study  of  equilibria.  For 
instance,  increased  application  of  spectrophotometry  is  being  made  to 
the  determination  of  dissociation  constants  of  acids  and  bases,107  for 
determining  heats  of  formation  of  molecular  addition  compounds  and 
complexes  in  solution,108  for  determining  empirical  formulas  of  com¬ 
plexes  in  solution,109  and  even  for  determining  molecular  weights.110 
An  interesting  application  of  spectrophotometric  methods  has  been 
made  by  M.  M.  Davies  and  her  collaborators111  to  determine  the 
association  constants  between  weak  acids  and  bases  in  organic  solvents. 

If  an  organic  base,  an  organic  acid,  and  their  salt  or  combination 
product  are  represented  by  B,  A,  and  S,  respectively,  the  equilibrium 
constant  for  the  reaction 


is  given  by 


A  +  B  =  S 

B  (B)(A) 


(8) 


where  Ka  is  the  association  constant,  and  the  quantities  in  parentheses 
are  the  respective  concentrations.  With  a  given  reference  acid,  the 
order  of  Ka’ s  for  a  series  of  bases  should  be  the  same  as  their  relative 
basicities.  Taking  the  logarithms  of  both  sides  of  eq.  (8),  one  can 
write 

log  Ka  =  log  -  log  (B) 


When  the  ratio  (S)/(A)  is  unity,  log  Ka  =  -  log  (B).  Hence  if  log 
(S)/(A)  is  plotted  against  -  log  (B),  when  log  (S)/(A)  becomes  zero, 
the  value  of  —  log  (B)  can  be  used  to  calculate  log  Ka,  oi  the  equilib¬ 
rium  constant,  Ka.  The  values  of  (S)  (A),  and  (B)  can  be  determined 
from  spectroscopic  measurements.  Separate  spectra  of  the  salt,  acid, 
and  base  are  measured,  and  an  absorption  band  of  the  salt  is  selected 


iot  w.  K.  Miller,  S.  B.  Knight,  and  A.  Roe,  J.  Am.  Chem.  Soc.,  72,  4763  (1950); 
H.  H.  G.  Jellinek  and  M.  G.  Wayne,  J .  Phys.  &  Colloid  Chem.,  55,  1/3  (1951); 
E  E.  Sager  and  I.  J.  Siewers,  J.  Research  Nat.  Bur.  Standards,  45,  489  (  9  ), 

T.  H.  Siddall,  III,  and  W.  C.  Vosburgh,  J.  Am  Chem.  Soc  ,3,  42/0 1  (1951). 

108  t.  M.  Cromwell  and  R.  L.  Scott,  J.  Am.  Chem.  Soc.,  72,  3825  (.1J5U;, 
G.  Briegleb  et  al.,  Z.  physik.  Chem.,  B31,  58  (1936);  B32,  305  (1936)-  Q 

109  A.  E.  Harvey  and  D.  L.  Manning,  J.  Am.  Chem.  Soc.,  72,  4488  (  95  ), 
M  G  Mellon,  Analytical  Absorption  Spectroscopy,  Wiley,  New  Jork ,  : 1 J50  PP- 
44  ff;  R.  E.  Buckles,  A.  I.  Popov,  W.  F.  Zelezny,  and  R.  J.  Smith,  J.  Am.  Chem. 

SOCVio7K.4G25Cunn!ngham,  W.  Dawson,  and  F.  S.  Spring,  J.  Chem.  Soc.,  2305 


(195i).  .  4  .  , 

111  M.  M.  Davies  et  al.,  J . 
27  (1948);  42,  595  (1949). 


Research  Nat.  Bur.  Standards,  39,  221  (1947);  41, 
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in  a  region  where  the  base  and  acid  have  little  absorption.  Then  at 
this  wavelength,  the  ratio  of  the  optical  density  for  a  given  concentra¬ 
tion  of  base  to  the  optical  density  of  the  pure  salt  multiplied  by  the 
original  molar  concentration  of  the  acid  Ca  gives  the  molai  concen¬ 
tration  of  the  salt  (S).  The  concentration  of  the  unreacted  acid  (A) 
is  Ca  -  (S).  If  Cb  is  the  original  molar  concentration  of  the  base 
added  to  the  mixture,  the  concentration  of  base  (B)  in  the  equilibrium 
mixture  equals  Cb  -  (S).  Hence,  from  a  series  of  values  of  (S),  (A), 
and  (B),  calculated  in  this  way  for  solutions  containing  the  same 
initial  concentration  of  acid  but  with  different  amounts  of  a  given 
base,  graphs  of  log  (S)/(A)  versus  -  log  (B)  can  be  drawn,  from  which 
at  the  point  log  (S)/(A)  equal  to  zero,  the  value  of  —  log  Ka  may  be 
obtained.  In  this  manner,  Sager  and  Siewers107  found  the  very 
reasonable  value  of  1.6  X  10“u  for  Kb  of  p-aminobenzophenone  in 
aqueous  dioxane. 

The  same  measurements  have  been  performed  in  benzene  with 
several  bases,  using  bromphthalein  magenta  as  the  reference  acid.111 
Some  of  the  results  are  listed  in  Table  9.15,  from  which  it  is  noticeable 
that,  with  the  exception  of  triethylamine,  the  association  constants  of 
these  substances  toward  bromphthalein  magenta  in  benzene  is  the 
exact  reverse  of  their  relative  base  strengths  towards  aqueous  mineral 
acid.  This  anomaly  is  not  clear  to  the  present  author. 


Table  9.15 

Equilibrium  Constants  Ka  for  Reaction  of  Organic  Bases  with  Bromo- 
phthalein  Magenta  in  Benzene  and  with  Aqueous  Mineral  Acid111 


Base 

10  *Ka  (benzene) 

101 * 3 4 5K(,  (H20) 

Di-n-butylamine . 

1.6 

16 

Triethylamine . 

2.3 

5.6 

Piperidine . 

12 

13 

1,3-Diphenylguanidine . 

22 

1 

1,3-Di-o-tolylguanidine . 

63 

0.47 
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Aromatic 

Substitution 


10.1  Mechanism  of  nitration  and  halogenation 

Foi  many  yeais,  aromatic  substitution  has  been  a  subject  of  considera¬ 
ble  interest  among  organic  chemists,  and  several  theories  have  been 
postulated  to  explain  the  phenomenon  of  preferential  substitution  at 
ortho,  meta,  or  para  carbon  atoms  of  monosubstituted  benzenes.  The 
mechanism  of  aromatic  substitution  has  not  been  established  con¬ 
clusively,  although  its  qualitative  features  are  generally  recognized  and 
semiquantitative  accounts  have  been  given  in  terms  of  present-day 
electron  theories.  A  complete  discussion  of  the  mechanism  of  aro¬ 
matic  substitution  is  beyond  the  scope  of  this  book,  but  inasmuch  as 
the  electron  distributions  of  benzene  derivatives  appear  to  be  a  major 
factor  responsible  for  many  of  their  physical  and  chemical  properties, 
some  consideration  can  be  given  to  the  orientation  of  substitution  in 
the  nuclei  of  monosubstituted  benzenes. 

Conclusive  experimental  evidence  has  been  presented  by  a  num¬ 
ber  of  workers1  to  show  that  nitration  takes  place  by  the  following 
mechanism 


+ 


ArHN02+  - **  ArN02  +  H+ 

where  ArHN02+  is  a  stable  intermediate  ion.  Strong  evidence  also 
has  been  found2  which  supports  the  view  that  halogenation  takes  place 

1  E.  D.  Hughes,  C.  K.  Ingold  et  al.,  Nature,  163,  599  (1949);  E.  A.  Braude, 
Ann.  Repts.  Chem.  Soc.  London,  46,  132  (1949);  L.  Melander,  Nature,  163,  599 
(1949). 

2  P.  B.  D.  de  la  Mare  and  P.  W.  Robertson,  J.  Chem.  Soc.,  279  (1943);  L.  J. 
Lambourne  and  P.  W.  Robertson,  J.  Chem.  Soc.,  1167  (194/);  P.  W.  Robertson 
et  ah,  J.  Chem.  Soc.,  933  (1949). 
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by  the  mechanism 

ArH  +  X2  <=*  ArHX2 

slow 

ArHX,  +  C - *  ArHX+  +  CX" 

fast 

ArHX+  +  B - >  ArX  +  HB" 

where  ArHX2  is  a  tt  complex,  X  is  a  halogen  atom,  C  is  an  acid  cata¬ 
lyst,  and  B  is  a  proton  acceptor,  usually  the  solvent  or  CX  .  ^  The 
structure  of  a  tt  complex  has  not  been  established  definitely  (Sec.  2.7c) ; 
nevertheless,  it  is  fairly  certain  that  there  is  a  diminution  of  electronic 
charge  in  the  aromatic  nucleus  from  that  of  the  unreacted  aiomatic 
compound.  The  loss  of  electronic  charge  is  not  from  any  single 
nuclear  carbon  atom,  but  from  the  nucleus  as  a  whole.  However,  in 
the  transformation  of  the  t  complex  into  the  substitution  product,  a 
covalent  bond  must  be  formed  between  a  nuclear  carbon  atom  and  an 
atom  of  the  reactant.  Other  things  being  equal  (i.e.,  steric  effects, 
etc.),  the  chance  of  forming  this  covalent  bond  is  best  at  the  carbon 
atom  at  which  there  is  the  greatest  availability  of  electrons. 


10.2  Orientation  by  substituents 

Apparently  there  are  three  major  factors  that  influence  the  position 
taken  by  the  second  entering  group  in  aromatic  substitution  of  a 
monosubstituted  benzene.  These  are  (1)  the  permanent  electron  dis¬ 
tribution  of  the  aromatic  molecule  at  the  time  of  reaction,  chiefly  the 
result  of  resonance  and  induction,  (2)  the  relative  stabilities  of  the 
transition  states  when  reaction  occurs  at  the  ortho ,  meta,  or  para  posi¬ 
tions,  and  (3)  steric  effects. 

When  a  group  is  substituted  for  hydrogen  in  the  nucleus  of  benzene, 
it  destroys  the  symmetry  of  the  ir  electrons,  and  depending  upon  its 
nature,  it  increases  or  decreases  the  electron  density  at  the  various 
nuclear  carbon  atoms.  As  a  result  of  resonance,  electron-accepting 
groups  decrease,  and  electron-donating  groups  increase  the  electron 
density  at  the  ortho  and  para  positions  relative  to  the  meta  positions. 
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Thf  ^aC1t0r  alone  W0llld  make  the  first  type  of  group  meta-directing 
and  the  latter  type  of  group  ortho-  and  para-directing,  inasmuch  as  the 
electron  densities  are  greatest  at  these  positions.  However,  induc¬ 
tion  too  has  a  marked  affect  on  the  electron  density  of  the  ring.  If 
the  substituent  has  a  greater  electronegativity  than  hydrogen,  as  do 
all  common  groups  excepting  alkyl  groups,  it  will  attract  the  nuclear 
t  electrons.  It  is  not  clear  yet  whether  the  electron  drift  follows  the 
classical  Coulombic  law  of  ortho  >  meta  >  para,  that  is,  decreasing 
with  distance  from  the  substituent,  or  whether  the  withdrawal  is 
gieatest  fiom  the  ortho  and  para  carbon  atoms  through  electromeric 
shifts. 


Recent  data3  4  have  shown  that  the  differences  between  the  electron 
densities  of  meta  and  para  carbon  atoms  of  certain  monosubstituted 
benzenes  are  not  large  enough  to  account  for  the  large  meta-directing 
character  of  substituents  such  as  the  +N(CH3)3  and  CC13  groups. 

Nevertheless,  the  permanent  charge  distribution  of  the  ring  is  an 
important  factor  in  affecting  the  orientation  of  aromatic  substitution, 
and  because  of  this,  Ri  and  Eyring4  were  able  to  account  fairly  well  for 
the  directing  properties  of  groups,  solely  on  the  basis  of  resonance  and 
induction.  Their  work  is  significant  because  it  makes  it  possible  to 
predict  a  distinct  physical  property  from  orientation  data,  namely,  the 
dipole  moment  of  a  monosubstituted  compound. 

The  halobenzenes  should  form  a  splendid  series  of  compounds  to 
test  our  supposition  about  the  effects  of  resonance  and  induction,  for 
the  two  effects  oppose  one  another  in  these  compounds.  The  induc¬ 
tive  effect  decreases  the  over-all  electron  density  of  the  ring,  as  is 
supported  by  the  fact  that  the  dipole  moments  of  the  halobenzenes  are 
directed  away  from  the  nucleus.  They  should  therefore  react  more 
slowly  than  benzene,  as  they  actually  do.  On  the  other  hand,  reso¬ 
nance  among  structures  (b)  to  (d) 

3  J.  D.  Roberts,  R.  A.  Clement,  and  J.  J.  Drysdale,  J.  Am.  Chem.  Soc.,  73,  2181 
(1951). 

4  T.  Ri  and  H.  Eyring,  J.  Chem.  Phys.,  8,  433  (1940). 


10.2] 


Aromatic  substitution 


297 


(a)  (b)  (c) 

where  X  is  a  halogen  atom,  increases  the  electron  charge  at  the  ortho 
and  para  positions  relative  to  the  meta  positions.  Consequently, 
halogen  atoms  should  also  be  ortho-  and  para-  directing,  which  is  found 
to  be  the  case.  It  should  be  pointed  out  here  that  a  simultaneous 
electron  release  to  and  electron  withdrawal  from  the  ring  by  the 
halogen  atom  appears  to  be  an  inconsistency.  Such  a  viewpoint  is 
questionable,  but  interpretation  of  experimental  data  leads  to  con¬ 
flicting  concepts.  For  instance: 

1.  The  ionization  potentials  of  chlorobenzene  (8.77  v),  fluoroben- 
zene  (9.197  v),  and  benzene  (9.24  v)  suggest  an  easier  removal  of  elec¬ 
trons  from  halobenzenes  than  from  benzene,  in  contrast  to  the  higher 
ionization  potential  of  trifluoromethylbenzene  (9.683  v).  According 
to  this,  the  ease  of  electron  drift  away  from  the  ring  is  #C1  >  </>F  >  </>H. 
2.  The  tendency  of  halobenzenes  and  benzene  to  form  i r  complexes 
(Sec.  2.7c)  is  in  the  order  </>H  >  <j> Br  >  <f> Cl  >  <f>F,  which  is  not  con¬ 
sistent  with  the  sequence  from  ionization  potential  data.  3.  Dipole 
moments  of  halobenzenes  indicate  that  a  halogen  atom  attracts  elec¬ 
trons  away  from  the  ring.  The  smaller  moments  of  arylhalides  as 
compared  with  the  respective  alkyl  halides  is  attributed  to  resonance 
forms  (b)  to  (d)  above,  where  t  electrons  migrate  into  the  ring  (such 
structures  are  supported  by  the  short  C — X  bond  distances  in  these 
compounds).  Thus  dipole  moments  hint  that  a  shift  of  electrons 
occurs  in  both  directions.  Such  practice  is  only  a  method  of  “book¬ 
keeping’’  for  electrical  effects,  and  the  net  result  is  that  there  is  an 
over-all  electron  withdrawal,  but  it  is  the  greatest  from  the  meta 
carbon  atoms.  It  was  shown  in  Sec.  8.7c  that  the  electron  release  by 
the  halogen  to  the  ring  through  resonance  is  in  the  order  F  >  Cl  >  Br 
>  I,  which  is  at  variance  with  that  from  experimental  data  in  1  and 
2  above.  The  situation  is  not  clear,  and  the  apparent  anomaly  of  an 
electron  migration  in  both  directions  with  halobenzenes  is  artificial.5 

A  second  major  factor  which  affects  the  orientation  of  aromatic 
substitution  is  the  nature  and  relative  stability  of  the  transition 
state.  For  instance,  styrene  derivatives  such  as  0CH=CHNOo 
■#.CH=CHS02C1„  ^,CH=CHCHO,  and  <(.CH=CHC02H  are  less  reac¬ 
tive  than  benzene  (viz.,  *fCB^HC00a/iw  =  0.111)  but  give  less  than 

6  K.  B,  Everard  and  L.  E.  Sutton,  J,  Chem.  Soc.,  2821  (1951). 
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2  per  cent  meta  orientation.  The  inductive  effect  of  the  beta  group 
assumed  to  be  transmitted  about  90  per  cent  across  the  vinyl  group 
i  ecreases  the  electron  density  of  the  ring,  particularly  at  the  ortho  and 
para  carbon  atoms,  and  should  therefore  produce  meta  orientation 
1  he  resonance  effect,  due  to  such  forms  as 


should  also  lead  to  meta  orientation.  A  reasonable  explanation  of  the 
ortho-  and  para-orienting  property  of  styrene  and  azobenzene  deriva¬ 
tives,  as  well  as  the  larger  order  of  rate  of  reaction  of  benzene  deriva¬ 
tives  containing  strongly  ortho-  and  para-directing  groups,  is  to  assume 
that  the  transition  state  for  reaction  at  the  ortho  and  para  carbon 
atoms  is  much  more  stable  than  when  reaction  occurs  at  the  vieta  car¬ 
bon  atoms.6  Thus  resonance  among  such  form  as 


)/  \ — CH=CH — COOH  ,  H)/  +)—  CH=CH-COOH  , 

o2n  \ "  o2n  \==/ 


stabilize  the  transition  states  for  reaction  at  the  ortho  or  para  positions, 
in  addition  to  leading  to  smaller  Coulombic  destabilizations.7  The 
resulting  stabilization  of  the  transition  states  decreases  the  respective 
activation  energies  and  increases  the  relative  rates  of  reaction  at  the 
ortho  and  para  positions. 

6  G.  E.  K.  Branch  and  M.  Calvin,  Theory  of  Organic  Chemistry,  Prentice-Hall, 
New  York,  1941,  p.  475;  E.  D.  Hughes  and  C.  K.  Ingold,  J.  Chem.  Soc.,  608  (1941); 
F.  G.  Bordwell  and  K.  Rohde,  J.  Am.  Chem.  Soc.,  70,  1191  (1948). 

7  C.  C.  Price,  J.  Am.  Chem.  Soc.,  73,  5833  (1951);  J.  D.  Roberts,  R.  A.  Clement, 
and  J.  J.  Drysdale,  J.  Am.  Chem.  Soc.,  73,  2181  (1951). 
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The  third  major  factor  in  orientation  probably  has  its  greatest 
effect  on  the  ortho  .para  ratio.  The  electrical  factors  above  have 
approximately  the  same  effects  on  the  ortho  and  para  carbon  atoms, 
but  the  steric  factor  chiefly  affects  the  ortho  positions.  Since  the 
meta  positions  are  not  affected  by  resonance,  the  para :meta  ratio  in 
substitution  should  reflect  only  the  electrical  influences,  while  the 
ortho :meta  ratio  should  reflect  the  combined  effects  of  steric  and  elec- 
trical  factors.  Thus  it  has  been  shown8  that  the  para:meta  ratios  in 
the  nitration  of  toluene  and  *-butylbenzene  are  not  very  different, 


. . . 

<£C(CH3)3 


Isomer  ratios  in  nitration : 

o/p  o/m  p/m 

1.57  13.3  8.45 

0.22  1.37  6.32 


both  being  greater  than  unity.  However,  the  ortho  :meta  ratio  is  much 
larger  for  toluene  than  for  f-butylbenzene,  because  in  the  latter  com¬ 
pound  substitution  is  hindered  at  the  ortho  positions  due  to  steric 
repulsion  between  the  bulky  i-butyl  group  and  the  attacking  reagent. 

It  is  seen  then,  that  orientation  in  electrophilic  substitution  of  a 
monosubstituted  benzene  is  chiefly  the  result  of  (1)  the  relative  ease 
of  reaction  at  the  nuclear  positions  with  regard  to  the  original  electron 
distribution  of  the  aromatic  molecule,  (2)  the  relative  stability  of  the 
transition  states  for  reaction  at  the  various  nuclear  positions,  and  (3) 
the  steric  effects  when  reaction  occurs  at  the  ortho  position.  The  rela¬ 
tive  amounts  of  ortho,  meta,  and  para  isomers  produced  is  inversely 
proportional  to  the  activation  energies  for  reaction  at  these  positions 
on  the  basis  of  the  combined  energy  relationships  of  the  above  three 
factors. 

To  interpret  the  observed  orienting  effect  of  a  substituent  upon 
substitution  in  a  monosubstituted  benzene,  it  is  necessary  to  know 
the  relative  reactivities  of  the  nuclear  carbon  atoms  with  respect  to 
each  other  and  with  respect  to  a  carbon  atom  of  benzene.  Such 
information  (Tables  10.1  and  10.2)  has  been  obtained  for  nitration  of  a 
number  of  benzene  derivatives,  and  has  been  obtained  recently  for 
bromination  of  chlorobenzene.  The  data  are  expressed  in  the  form  of 
partial  rate  factors ,9  that  is,  integers  to  represent  the  relative  rates  of 
reaction  at  the  nuclear  carbon  atoms  of  a  monosubstituted  benzene 
with  respect  to  a  carbon  atom  of  benzene.  They  are  calculated  from 


8  K.  L.  Nelson  and  H.  C.  Brown,  J.  Am.  Chem.  Soc.,  73,  5606  (1951) 

2gi8 ^h927)erm  WaS  introduced  C-  K  Ing°ld  and  F.  R.  Shaw,  J.  Chem.  Soc., 
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the  relationships 

F  ortho  =  Sra ;  F  mela  =  3  rf3 ;  Fpara  =  Qry 

where  r  is  the  relative  rate  of  reaction  of  a  given  benzene  derivative 
with  respect  to  benzene  and  a,  (3,  and  y  are  the  fractions  of  ortho,  meta, 
and  para  substitution  products,  respectively.  The  numerical  con¬ 
stants  are  statistical  corrections  for  the  fact  that  there  are  two  ortho 
atoms,  two  meta  atoms,  and  one  para  carbon  atom  in  the  monosub- 
stituted  benzene,  while  there  are  six  equivalent  positions  available  for 
reaction  in  benzene. 

Table  10.1 


/  artial  Rate  Factors  for  Nitration  of  Some  Monosubstituted  Benzenes10 


Substituent 

Ortho 

Meta 

Para 

H . 

1 

1 

1 

CH3 . 

43 

3 

35 

co2c2h5 . 

0.0026 

0.0079 

0.0009 

CH2C02C2H5 . 

4.62 

1.16 

10.41 

Br . 

0.037 

0 

0.106 

Cl . 

0  03 

0 

0  139 

CH2C1 . 

0.29 

0.14 

0.951 

These  data  give  semiquantitative  evidence  for  what  is  generally  known 
qualitatively:  for  instance,  that  a  methyl  group  activates  the  benzene 


Table  10.2 


Partial  Rate  Factors  for  Bromination  of  Chlorobenzene 11 


Substituent 

Ortho 

Meta 

Para 

Catalyst 

H 

1 

1 

1 

Same  as  for  Cl 

Cl 

0.07 

0 

1.59 

Fe,  54°C 

0.07 

0 

1 .25 

Fe,  0°C 

ring  and  is  ortho-  and  para- directing,  that  halogens  are  ortho-  and  para¬ 
directing  also,  but  deactivate  the  ring,  while  a  carbethoxyl  group  is 
ring-deactivating  and  is  weto-orienting.  It  is  noteworthy  that  the 
para  carbon  atom  of  chlorobenzene  reacts  faster  than  a  carbon  atom  of 
benzene  in  halogenation,  but  slower  in  nitration. 

10  M.  L.  Bird  and  C.  K.  Ingold,  J.  Chem.  Soc.,  918  (1938);  C.  K.  Ingold  and 
F.  R.  Shaw,  J.  Chem.  Soc.,  575  (1949);  C.  K.  Ingold  and  M.  S.  Smith,  J.  Chem. 

Soc.,  905  (1938).  A  ,  ,  ,  ., 

11  L  N  Ferguson,  A.  Garner,  and  P.  Talbot,  paper  presented  before  the 

Organic  Division  of  the  Washington  Chemical  Society,  Washington,  1951. 
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10.3  Correlations  of  physical  and  chemical  properties  with 
orientation 

Most  of  the  physical  and  chemical  properties  of  aromatic  com¬ 
pounds  depend  upon  their  electron  distributions,  which  in  turn  are 
largely  the  result  of  resonance  and  induction.  Since  resonance  and 
induction  have  a  marked  effect  on  orientation,  it  is  not  unreasonable 
to  look  for  a  correlation  between  these  properties  and  orientation  in 
substitution.  For  this  purpose,  there  are  listed  in  Table  10.3  certain 
physical  and  chemical  properties  of  monosubstituted  benzenes,  along 
with  the  percentage  of  meta  isomer  produced  in  nitration,  and  a  fair 
parallelism  is  found  between  the  six  columns. 

In  column  II  are  listed  dipole  moments  j  it  has  been  well  established 
that  the  observed  moments  of  aromatic  molecules  are  primarily  the 
composites  of  the  moments  arising  from  induction  and  resonance. 
Beginning  with  the  strongly  ortho-  and  para- directing  groups,  the 
resonance  and  induction  moments  are  both  directed  toward  the  ring, 
which  indicates  that  there  is  a  larger  nuclear  electron  density  than  that 
in  benzene,  particularly  at  the  ortho  and  para  carbon  atoms.  Passing 
down  through  the  halogens,  the  larger  induction  moment  is  directed 
away  from  the  ring.  This  results  in  an  over-all  nuclear  electronic 
charge  below  that  in  benzene,  but  due  to  resonance  among  such  forms  as 


the  electron  density  is  lowest  at  the  meta  carbon  atoms,  so  that  the 
compounds  are  still  substituted  chiefly  in  the  ortho  and  para  positions. 
Finally,  the  moments  from  induction  and  resonance  are  both  directed 
away  from  the  ring.  Hence,  the  much  reduced  nuclear  electron 
density  causes  ring  deactivation,  and  because  resonance  among 
forms  as 


reduces  the  electron  density  at  the  ortho  and  para  positions  relative  to 
the  meta  positions,  the  substituents  are  meta-directing. 
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Table  10.3 


Comparison  of  Physical  and  Chemical  Properties  of  Monosubs, tinted 
Benzenes  with  Orientation  in  Substitution 


I 

II 

III 

Group 

Per  cent 
meta  in 
nitration 

Group 

Dipole 

moment 

Group 

AX  (m/x) 

OH 

2 

OH 

1.61D 

nh2 

26.5 

F 

0.2 

nh2 

1.53 

OCH3 

13.5 

Cl 

0.2 

OCHj 

1.16 

OH 

7 

Br 

0.2 

ch3 

0.4 

Br 

6.5 

I 

0.2 

F 

-1.44 

Cl 

6.0 

ch3 

4 

Cl 

-1.64 

ch3 

3 

ch2ci 

16 

Br 

-1.65 

CN 

20.5 

chci2 

34 

I 

-1.69 

COOH 

26 

COCH3 

55 

CH2C1 

-1.85 

COCH3 

42 

CC13 

65 

co2c2h5 

-1.95 

CHO 

46 

co2c2h5 

72 

chci2 

-2.04 

no2 

64 

CHO 

79 

CC13 

-2.1 

COOH 

80 

CHO 

-2.75 

CN 

81 

COCH3 

-2.9 

no2 

93 

CN 

-3.91 

no2 

-3.95 

IV 

V 

VI 

Spectroscopic 

Substituent 

moment 

Substituent 

AEo  (mv) 

Substituent 

G  p  &  m 

(cm  mole/1 

OH 

34 

OH 

-217 

F 

-0.275 

OCH3 

31 

nh2 

-210 

Br 

-0.159 

F 

21 

OCH3 

-131 

Cl 

-0  146 

I 

21 

ch3 

-76 

ch3 

-0.101 

ch3 

7 

Cl 

24 

I 

-0.076 

Cl 

6 

Br 

(+28) 

CN 

0.322 

Br 

4 

COOH 

(+49) 

COOH 

0.373 

CII2C1 

-3 

co2ch3 

(+58) 

no2 

0.56 

chci2 

-11 

CN 

(+76) 

COCH3 

0.568 

CCI3 

-17 

no2 

(+91) 

CHO 

0.745 

CN 

-19 

COOH 

-28 
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In  column  III  of  Table  10.3  are  listed  the  bathochromic  shifts  AX 
of  the  primary  absorption  band  (203  mM)  of  benzene  for  monosub- 
stituted  benzenes.  As  a  first  approximation,  the  region  of  ultraviolet 
absorption  depends  upon  the  energy  difference  between  excited  and 
ground  states,  and  AX  is  largely  dependent  upon  the  elect.ionic  inter¬ 
action  through  resonance  between  the  nucleus  and  the  substituent, 
irrespective  of  whether  the  resonance  causes  a  deciease  oi  increase  in 
the  nuclear  electron  density.  Consequently,  when  descending  column 
III,  along  with  the  decrease  in  ortho-  and  para-directing  power,  there  is 
a  decrease  in  the  ring-substituent  resonance  interaction,  and  in  AX. 
This  trend  passes  through  a  minimum  when  the  groups  change  from 
chiefly  ortho-  and  para-  to  meta-directing,  at  which  time  all  three 
quantities  begin  and  continue  to  increase. 

In  column  IV  are  listed  what  have  been  given  the  term,  spectro¬ 
scopic  moments ,12  Substituents  perturb  the  symmetry  of  the  oscillat¬ 
ing  charges  of  the  benzene  nucleus,  and  according  to  the  Sklar- 
Forster13  theory,  will  affect  the  intensity  of  light  absorption  by 
monosubstituted  benzenes  in  the  255-m/i  region.  Assuming  that  the 
perturbation,  or  spectroscopic  moment  is  proportional  to  the  square 
root  of  the  intensity  increment  upon  monosubstitution  of  benzene, 
Platt12  calculated  the  moments  for  a  number  of  benzene  derivatives, 
which  are  given  in  Table  10.3.  Thus,  without  attributing  the  effect 
separately  to  resonance  or  induction,  there  is  found  a  correlation 
between  spectroscopic  moment  and  orientation  in  substitution. 

In  column  V  appear  the  changes  in  oxidation  potentials  of  1,4- 
napthaquinone  and  phenanthraquinone  (in  parentheses)  by  the  sub¬ 
stituents  listed.  In  Sec.  8.8d  it  was  shown  that  substituents  which 
increase  the  nuclear  electron  density  through  resonance  or  induction 
should  lower  the  oxidation  potential  of  a  parent  quinone,  and  groups 
which  lower  the  nuclear  electron  density  should  have  the  opposite 
effect.  Since  the  over-all  nuclear  electron  density  parallels  the  nuclear 
reactivity  and  varies  inversely  to  the  percentage  of  meta  isomer  pro¬ 
duced  in  substitution,  the  general  trend  in  column  V  qualitatively 
substantiates  the  theory. 

Hammett14  has  been  able  to  correlate  the  effects  of  substituents,  Y, 

in  the  meta  and  para  positions  upon  equilibria  or  reaction  rates  at  the 
side  chain  R 


n  iuRVPlatt’  J'  Chem ■  Phys->  19’  263  (1951). 

10,  1 14,*  232  (1942)! '  A' 

1940,  p.  186.Hammett*  Physical  0r9anic  Chemistry ,  McGraw-Hill,  New  York, 


304 


Aromatic  substitution 


[10.3 


by  means  of  the  equation,  log  kY  —  log  kH  =  ap,  where  the  k’s  are 
the  rate  or  equilibrium  constants  for  the  substituted  and  unsub¬ 
stituted  reactants,  p  is  a  reaction  constant  dependent  upon  the  nature 
of  R  with  respect  to  the  conditions  of  reaction,  and  a  is  a  substituent 
constant  dependent  upon  the  nature  and  position  of  the  group  Y. 
The  general  notion  is  that  the  a  value  is  a  measure  of  the  change  in 
electron  density  at  R  produced  by  Y,  and  p  is  a  measure  of  the  suscepti¬ 
bility  of  the  particular  reaction  at  R  to  a  change  in  electric  charge 
there.  In  column  VI  of  Table  10.3  are  listed  the  differences  between 
the  a  values  of  several  groups  when  para  and  meta  to  R.  This  correla¬ 
tion  by  Hammett  is  remarkable,  for  it  covers  the  equilibrium  constants 
or  rates  of  reaction  for  more  than  sixty  miscellaneous  reactions,  as  for 
instance,  the  ionization  of  acids  and  phenols,  solvolysis  of  acid  halides 
and  esters,  alkylation  of  amines  and  halogeno  compounds,  methanoly- 
sis  of  diphenyl  ethers,  and  others.  Qualitatively,  generalizations  can 
be  made  from  Hammett’s  summarizations  such  as  the  following:  The 
more  a  group  Y  orients  to  the  meta  position  in  nitration,  (1)  the  more 
Y  increases  the  acid  strength  of  p-phenols  and  decreases  the  base 
strength  of  p-anilines,  (2)  the  more  it  facilitates  replacement  of  para 
halogen  atoms,  and  (3)  the  more  difficult  it  makes  replacement  of  the 
halogen  atom  X  of  a  para  CH2X  group. 

Although  the  sequences  of  the  six  columns  in  Table  10.3  are  not 
identical,  there  is  a  definite  parallel  trend  in  the  properties  listed  with 
the  percentage  of  meta  isomer  produced  in  nitration.  A  perfect 
correlation  should  not  be  expected,  because  the  properties  in  columns 
I  and  II  are  concerned  primarily  with  the  ground  states  of  the  mole¬ 
cules,  while  those  properties  in  columns  III-VI  involve  the  ground 
and  excited  states. 


Supplementary  Reading 

1.  L.  N.  Ferguson,  “Orientation  of  Substitution  in  the  Benzene  Nucleus,”  Chem. 
Revs.,  50,  47  (1952). 

2.  E.  A.  Braude,  Ann.  Repts.  Chem.  Soc.  London,  46,  131  (1949). 

3.  F.  L.  J.  Sixma,  J.  Chem.  Phys.,  19,  1209  (1951). 


Molecular  and 
Electron  Structures 
by  Physical  Methods 


In  the  preceding  chapters,  we  have  seen  that  certain  physical  methods 
lead  to  the  conception  of  far-reaching  ideas  about  atomic  and  elec¬ 
tronic  configurations  of  molecules.  As  a  result  of  these  physical 
measurements,  such  as  the  absorption  of  electromagnetic  energy, 
magnetic  and  electric  polarizations,  and  the  diffraction  of  x  rays  and 
electrons,  deductions  are  made  that  would  be  impossible  from  chemical 
studies  alone.  There  is  no  doubt  that  sound,  reliable  concepts  may 
be  formed  from  studies  of  these  physical  properties,  but  it  is  to  be  kept 
in  mind  that  these  impressions  come  about  through  interpretation  of 
experimental  data.  Subsequent  improvement  in  precision  and  refine¬ 
ment  of  physical  measurements  sometimes  necessitates  modifications 
in  previously  formed  viewpoints,  or  reveals  the  presence  of  minor 
effects  that  were  obscured  by  the  earlier  crude  measurements.  Occa¬ 
sionally  new  interpretations  of  data  revolutionize  earlier  concepts,  and 
a  clearer  picture  is  obtained  of  a  whole  array  of  data.  For  instance, 
several  persons1  reported  the  doublet  character  of  the  3750-cm_1  and 
1450-cm-1  lines  of  KHF2  and  it  was  believed  to  be  due  to  an  oscillation 
of  the  proton  between  two  potential  energy  minima  in  the  F  •  •  •  F~ 
region.  The  two  potential  minima  were  estimated  to  be  separated  by 
distances  ranging  from  0.52  to  1.4  A,  with  a  barrier  between  minima  of 
7.3  to  33.4  kcal.1  Later,  Westrum  and  Pitzer2  measured  the  heat 
capacities  of  KF  and  KHF2  from  15  to  500°K,  and  on  the  basis  of  the 
entropies  calculated  therefrom,  concluded  that  the  hydrogen  atom  is 
midway  between  the  fluorine  atoms  of  the  F— H  •  •  •  F~  bond  and 
that  the  potential  curve  in  the  ion  has  a  single  minimum.  It  will  be 


naW  *J'  SU  w6  ’  R-  L-  M^ycock,  and  W.  H.  Rodebush,  J.  Chem.  Phys.,  8,  362 
(1940),  F  T.  W all  and  G.  Glockler,  J .  Chem.  Phys.,  5,  314  (1937)  and  earlier 
reerences  found  there;  J.  A.  A.  Ivetelaar,  Rec.  trav.  chim.,  60,  523  (1941)-  G 
Glockler  and  G.  E.  Evans,  J.  Chem.  Phys.,  10,  607  (1942).  ’ 

2  E.  F.  Westrum  and  K.  S.  Pitzer,  J.  Am.  Chem.  Soc.,  71,  1940  (1949) 
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recalled  that  in  all  other  hydrogen  bonds,  including  the  F — H  •  •  •  F 
bond  of  polymeric  (HF)„,  the  proton  is  unsymmetrically  located. 
\\  estrum  and  Pitzer  attributed  the  two  peaks  in  the  1450  cm-1  region, 
1222  cm-1  and  1450  cm-1,  not  to  a  longitudinal  oscillation  of  the 
proton  between  two  minima,  but  to  a  deformation  (y2)  and  a  stretch¬ 
ing  ( v3 )  frequency. 

F  H  F  TF  1H  TF  F  H  F 

v2  Vi 

A  decision  between  the  two  conflicting  points  of  view  has  recently 
been  made  on  the  basis  of  the  absorption  and  reflection  spectra  of 
KHF2  crystals,3  using  polarized  light.  It  seems  quite  definite  now 
that  Pitzer’s  assignment  was  correct  and  that  there  is  no  indication  of 
a  double  minimum  character  of  the  HF2~  ion  as  originally  believed. 

Another  example  of  how  a  new  point  of  view  has  made  consistent 
what  formerly  were  a  number  of  discordant  experimental  data  is  found 
in  the  proposal  of  Kemp  and  Pitzer4  to  account  for  the  discrepancies 
between  measured  and  statistically  calculated  entropies.  The  earlier 
assumption5  of  free  rotation  did  not  adequately  remove  the  dis¬ 
crepancies.  However,  by  assuming  a  potential  barrier  to  internal 
rotation  in  certain  molecules,  much  thermochemical  data  were  found 
to  be  consistent,  and  of  course,  the  supposition  was  confirmed  subse¬ 
quently  by  several  types  of  experimental  data  (Sec.  5.2). 

Other  minor  changes  in  theoretical  viewpoints  that  were  brought 
about  through  refinement  in  experimental  precision  or  by  new  experi¬ 
mental  techniques  are:  (1)  On  the  basis  of  the  early  measurements  of 
the  infrared  spectrum  of  water,  it  was  proposed  that  water  molecules 
are  associated  through  oxygen-oxygen  bonds.6  Of  course,  the  associa- 


H  H  H  H  H 

I  I  I  I  I 

••0  -  0  -  0  -  0  --0-- 

H  H  H  H  H 


tion  through  oxygen-oxygen  bonds  is  not  compatable  with  other  facts, 

3  J.  A.  A.  Ivetelaar  and  W.  Vedder,  J.  Chem.  Phys.,  19,  654  (1951),  H  W. 
Thompson,  unpublished  work  reported  before  the  National  Bureau  of  Standards, 

P4j.  d.  Kemp  and  K.  S.  Pitzer,  J.  Am.  Chem.  Soc.,  59,  276  (1937);  J.  Chem. 

Phy^7^: Chem.  Phys.,  4,  276  (1936);  J.  G.  Aston  and  G.  H  Messerly, 
J.  Chem.  Phys.,  4,  391  (1936);  E.  Teller  and  B.  Topley,  J ■  Chem  Soc.,  8/6  (1935), 
H.  A.  Smith  and  W.  E.  Vaughan,  J .  Chem.  Phys  ,  3,  341  (1935) 

6  J.  W.  Ellis,  J.  Optical  Soc.  Am.  &  Rev.  Sci.  Instruments,  8,  1  (1J24). 
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such  as  the  failure  of  ethers,  R— O— R,  to  associate.  (2)  To  account 
for  the  unusual  bond  distances  in  dibenzyl  from  the  early  measure¬ 
ments, 


1.46  A  1-58  A 


“no-bonds”  were  proposed,  assuming  a  resonance  hybrid  from  such 
forms  as 


1 


However,  recent  and  more  accurate  values  for  the  bond  distances 
remove  the  necessity  for  such  an  hypothesis.  (3)  Not  over  a  decade 
ago,  it  was  thought  that  the  cis  and  trans  isomers  of  1,2-dichloroethane 
were  the  two  predominant  forms  rather  than,  as  is  believed  now,  the 
trans  and  gauche  isomers.  This  topic  was  discussed  in  detail  in  Sec.  5.2. 

The  point  that  is  intended  to  be  emphasized  is  that  well-founded 
widely  accepted  concepts  are  obtained  only  when  several  forms  of 
evidence  indisputably  substantiate  the  same  opinion.  Hence,  the 
greater  is  the  number  of  facts  that  lead  to  the  same  conclusion,  the 
greater  is  the  confidence  that  is  placed  in  that  conclusion.  When 
a  given  picture  cannot  account  for  all  available  data,  it  means  that  the 
theory  is  not  entirely  correct.  To  illustrate  some  of  these  statements, 
there  is  discussed  in  this  chapter  a  number  of  cases  where  several  data 
mesh  together  nicely  to  lead  to  one  general  point  of  view,  and  also  a 
number  of  cases  where  the  data  at  hand  lead  to  conflicting  inferences. 

Sulfonic  Acids.  In  accordance  with  the  Lewis  octet  rule  (that  the 
most  stable  electron  configuration  of  a  molecule  is  that  in  which  the 
atoms  have  eight  electrons  in  their  outermost  electron  orbits),  the  elec¬ 
tron  arrangement  around  the  sulfur  atom  in  sulfonic  acids  was  thought 
for  a  number  of  years  to  be 


:  0  :  + 

R  :  S  :  :  0  :  H 

:  0 

On  the  other  hand,  the  observed  sulfur-oxygen  distance  (1.55  A)  is 
about  midway  between  the  calculated  S— O  and  S=0  bond  distances: 
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fo-o  =  1.04  +  0.74  -  0.09  =  1.69  A; 
r8=0  =  0.94  +  0.55  —  0.09  =  1.40  A.) 

Hence  the  bonds  must  possess  a  certain  double-bond  character.  To 
account  for  this  double-bond  character,  and  also  the  large  dipole 
moment  of  sulfones  and  sulfonic  acids,  the  present  point  of  view  is 
that  the  structures  are  resonance  hybrids,  chiefly  of  the  forms 

o- 

I 

R_S++— OH 

I 

0- 

The  sulfur  atom  accommodates  the  twelve  valence  electrons  in  the  first 
form  by  making  use  of  its  3d  orbitals. 

Carbon  Monoxide.  The  carbon  monoxide  molecule  is  an  interesting 
case.  At  least  three  electron  structures  are  conceivable,  with  III 
being  the  most  stable  according  to  the  criteria  listed  in  Sec.  8.3b  on 
resonance. 

:  C=0  :  :  C— O  :  C=0  : 

•  • 

I  II  III 

Experimentally,  it  is  found  that  the  force  constant  from  Raman  fre¬ 
quencies  (19  X  105  dynes/cm)  and  the  infrared  absorption  frequency 
(2168  cm-1)  of  carbon  monoxide7  give  evidence  of  the  triple-bond 
structure.  Also,  the  carbon-oxygen  bond  distance,  1.15  A,  is  less  than 
that  of  a  C=0  bond  (rc=o  =  1.21  A,  rc$s0  =  1.1  A)  and  substantiates 
a  certain  triple-bond  character.  Moreover,  the  chemical  properties  of 
carbon  monoxide  (forms  carbonyls  and  is  absorbed  by  hemoglobin, 
etc.,)  reveal  the  electron-donor  character  of  the  carbon  atom  and  sug¬ 
gest  form  III.  On  the  other  hand,  the  very  small  dipole  moment  of 
carbon  monoxide  (O.ID)  indicates  that  the  structure  is  not  solely  III 
but  has  a  considerable  contribution  from  structure  II.  The  large 
resonance  energy  of  carbon  monoxide  (58  kcal)  confirms  this  supposi 
tion.  Thus  if  it  were  not  for  the  electric  dipole  moment  measurements, 
the  contribution  of  II  to  the  resonance  hybrid  of  carbon  monoxide 
would  probably  be  overlooked. 

Diazomethane.  The  structure  of  diazomethane  has  been  repre¬ 
sented  by  a  cyclic  configuration,  IV,  and  by  the  straight  chain  forms, 

V  and  VI. 

7  R.  K.  Sheline  and  K.  S.  Pitzer,  J.  Am.  Chem.  Soc.,  72,  1107  (1950). 


O 

II 

R— S— OH, 

II 

O 


Structures  by  physical  methods  ouy 

H 

\-  + 

C — N=N  : 

/- 

H 

VI 

The  ultraviolet  spectrum8  was  interpreted  in  favor  of  the  cyclic  struc¬ 
ture.  However,  subsequent  electron  diffraction  data9  and  infrared 
absorption  data10  provide  strong  evidence  for  a  straight-chain  struc¬ 
ture.  The  dipole  moments  of  diary ldiazomethanes 11  indicate  that  the 
diazo  group  is  a  resonance  hybrid  of  V  and  VI  with  a  greater  contribu¬ 
tion  from  V.  This  conclusion  is  based  on  the  fact  that  the  moments  of 
di-p-tolyldiazomethane,  diphenyldiazomethane,  and  di-p-chlorophenyl- 


H  N 

\  / 

C 

/  \ 

H  N 

IV 


H 


H 


'C=N=N  : 


di-p-tolyldiazomethane . 

diphenyldiazomethane . 

di-p-chlorophenyldiazomethane 


1 ,96D 
1.42 
0.62 


diazomethane  show  that  the  diazo  group  has  an  appreciable  moment 
which  is  oriented  opposite  to  that  of  the  chlorophenyl  group  and  in  the 
direction  of  that  of  the  p-tolyl  group. 

Cyclooctatetraene.  One  interesting  case  where  conflicting  views  are 
held  concerning  molecular  configuration  is  that  of  cyclooctatetraene. 
From  diffraction  data,  Bastiansen,  Hassel,  and  Langseth12  propose  the 


(chair)  (tub)  (crown) 


Fig.  11.1.  Fisher-Hirschf elder  models  of  cyclo-octatetraene. 

crown  form  (see  Fig.  11.1)  in  opposition  to  Kaufman,  Fankuchen,  and 
Mark,13  who  believe  the  tub  form  to  be  the  most  probable.  From 
infrared  spectroscopic  data,  Lord  and  Lippincott14  strongly  favor  the 

8  F.  W.  Kirkbride  and  R.  G.  Norrish,  J.  Chem.  Soc.,  119  (1933). 

9  H.  Boersch,  Monatsh.,  65,  331  (1935). 

10  D.  A.  Ramsay,  J.  Chem.  Phys.,  17,  666  (1949). 

11  N.  V.  Sidgwick,  L.  E.  Sutton,  and  W.  Thomas,  J.  Chem.  Soc.,  406  (1933). 

12  O.  Bastiansen,  O.  Hassel,  and  A.  Langseth,  Nature,  160,  128  (1947). 

II?'  o  ^au,frnan>  L  Fankuchen,  and  H.  Mark,  Nature,  161,  165  (1948). 

R.  C.  Lord,  Jr.  and  E.  R.  Lippincott,  J.  Am.  Chem.  Soc.,  68,  1868  (1946). 
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crown  form  in  contrast  to  Thompson,15  who  suggests  the  tub  form. 
Thus  two  different  interpretations  are  given  to  diffraction  data  con¬ 
cerning  a  single  compound,  and  two  different  interpretations  are  given 
to  the  spectrum  of  a  single  compound.  A  recent  careful  analysis  of  the 
Raman  and  infrared  spectra  of  cyclooctatetraene  led  Lippincott,  Lord, 
and  McDonald16  to  the  firm  conviction  that  it  has  the  crown  con¬ 
figuration.  The  molecules  are  probably  in  dynamic  equilibrium 
between  the  tub  and  crown  forms  through  vibrational  distortions  of 
the  carbon  ring,  which  is  the  situation  with  cyclohexane.  At  room 
temperature,  cyclohexane  exists  predominantly  in  the  chair  form,  but 
at  higher  temperatures,  appreciable  numbers  of  molecules  occupy  the 

CL  P 

c-^c 

- QT 

Boat 


Chair 


boat  (tub)  form.17  If  cylooctatetraene  were  aromatic,  the  carbon 
atoms  would  be  sp 2  hybridized  and  their  undistorted  bond  angles 
would  be  close  to  120°.  In  a  regular  octagon,  the  annular  angles  are 
130°;  apparently  the  strain  to  distort  the  carbon  bond  angles  ten 
degrees  would  be  greater  than  the  resonance  energy  that  would  be 
acquired  by  assuming  a  planar  aromatic  structure.  Hence  cyclo¬ 
octatetraene  is  a  typical  highly  unsaturated,  nonplanar,  cyclic  hydro¬ 
carbon.  It  is  noteworthy  that  its  carbon-carbon  bond  distances  are 
1.34  A  and  1.54  A  alternately,  which  are  just  the  values  expected  for  a 
single  Kekul6  structure. 

Tropolone.  A  new  aromatic  ring  system,  first  conceived  by  Dewar, ls 
has  recently  been  the  object  of  much  interest.  The  parent  compound, 
called  tropolone ,19  is  a  seven-membered,  cyclic-vinylog  of  a  carboxylic 


16  H.  W.  Thompson,  lecture  at  the  Polytechnic  Institute  of  Brooklyn,  March  8, 
194^«  E.  R.  Lippincott,  R.  C.  Lord,  Jr.,  and  R.  S.  McDonald,  J.  Am.  Chem.  Soc., 

73’  n3L°PauHng  and  L.  O.  Brockway,  J.  Am.  Chem.  Soc.,  59,  1223  (1937);  R.  S. 

Rasmussen,  J.  Chem.  Phys.,  11,  249,  (1943). 

18  M  J.  S.  Dewar,  Nature,  155,  50  (1945).  .  .  ,  ,  . 

i.  Tropolone  melts  at  49-50°C  and  sublimes  at  40  /4  mm.  It  is  soluble  in 
water  and  most  organic  liquids.  It  is  an  acid  of  pK.  6.7,  in  equilibrium  with  a 
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acid  in  which  resonance  and  chelation  (intramolecular  hydrogen  bond¬ 
ing)  are  significant.  Tropolone  offers  an  excellent  opportunity  for 
the  illustration  of  the  harmonious  interpretation  of  physical  data; 
considerable  physical  data  have  been  collected  on  tropolone  which  can 
be  interpreted  to  lead  to  consistent  conclusions. 

First  of  all,  electron  diffraction  data20  on  tropolone  and  x-ray  dif¬ 
fraction  measurements  of  its  copper  salt21  indicate  that  the  ring  is 
almost  a  regular,  planar  heptagon  with  an  average  carbon-carbon  dis¬ 
tance  of  1.40  A. 

Second,  the  infrared  spectrum22,23  reveals  a  host  of  information. 
Instead  of  having  a  sharp  band  near  3525  cm-1  that  is  typical  of  the 
monomeric  carboxylic  acid  H — 0  bond,  it  has  a  broad  band  whose 
center  is  at  about  3100  cm-1.  In  view  of  the  fair  resemblance  of  the 
hydrogen  bonds  in  tropolone  and  carboxylic  acids,  it  is  reasonable  to 
compare  this  frequency  shift  (~425  cm-1)  with  that  observed  upon 
the  association  of  carboxylic  acids  (~450  cm-1).  Hence  the  strength 
of  the  hydrogen  bond  in  tropolone  must  not  be  much  different  from 
that  in  dimeric  carboxylic  acids,  or  approximately  6  kcal.  This  value 
is  a  little  larger  than  that  commonly  found  in  o-substituted  phenols  and 
2-hydroxycylohexanone,24  where  there  are  also  five-membered  hydro¬ 
gen-bond  rings.  Consequently  there  must  be  some  favorable  circum¬ 
stance  to  strengthen  the  hydrogen  bond.  It  can  be  attributed  to  the 
contributions  from  the  polar  forms  of  tropolone  to  the  resonance 
hybrids  of  the  two  tautomers. 
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The  resulting  increase  in  electron  density  at  the  carbonyl  carbon 
atoms  makes  the  hydrogen  bond  stronger  than  is  usually  found  in  a 
five-membered  ring.  Ebullioscopic  and  cryoscopic  determinations  of 
the  molecular  weight  of  tropolone25  show  that  it  is  essentially  mono¬ 
meric  in  solution,  and  therefore  the  hydrogen  bonds  are  intramolecular 
rather  than  intermolecular. 

Absorption  in  the  carbonyl  region  also  implies  that  there  is  some 
interaction  between  the  hydroxyl  and  carbonyl  groups  of  tropolone, 
for  the  carbonyl  frequencies  of  tropolones  are  about  20  cm-1  lower  than 
those  of  the  respective  ethers.25,26  This  frequency  lowering  is  not 
nearly  as  great  as  it  is  (65  cm-1)  for  carboxylic  acids  upon  association 
(Sec.  9.2c.i).  As  might  be  expected,  coordination  is  stronger  upon 
chelation  with  a  metal  ion,  as  is  evident  from  the  further  reduced 
carbonyl  frequency,  1595  cm-1,  of  a  chloroform  solution  of  the  copper 
salt  of  tropolone.  There  is  also  chemical  evidence  for  a  strong  hydro¬ 
gen  bond  in  tropolone.  The  carbonyl  group  does  not  undergo  typical 
addition  reactions,25  for  it  is  unreactive  towards  semicarbazide, 
hydroxylamine,  and  2,4-dinitrophenylhydrazine.  Apparently  the 
combined  effects  of  conjugation  and  hydrogen  bonding  make  the  car¬ 
bonyl  group  of  tropolone  behave  as  does  the  carbonyl  group  of  cai- 
boxylic  acids.  It  is  noteworthy  that  the  acid  strength  of  tropolone  is 
intermediate  between  that  of  phenol  and  benzoic  acid.  The  con¬ 
tribution  of  hydrogen  bonding  to  the  stability  of  tropolone  is  indicated 
by  the  fact  that  tropone  is  a  typical  unsaturated  ketone. 

»  j.  W.  Cook,  A.  R.  Gibb,  R.  A.  Raphael,  and  A.  R.  Somerville,  J.  Chem.  Soc., 

503  (1951).  r  ^  nQt.u 

26  R.  D.  Haworth  and  J.  D.  Hobson,  J.  Chem.  Soc.,  561  (1951). 
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Tropone  is  rapidly  oxidized  by  aqueous  permanganate  and  undergoes 
'addition  rather  than  substitution  reactions.2'  Thus  it  can  be  con¬ 
cluded  that  there  is  a  moderately  strong  hydrogen  bond  in  tropolone 
that  makes  a  significant  contribution  to  its  stability. 

Tropolone  is  an  equilibrium  mixture  of  two  tautomers;  nevertheless, 
since  they  are  indistinguishable,  tropolone  does  not  appear  as  an 
equilibrium  mixture  but  as  a  single  substance.  The  close  similarity 
of  the  ultraviolet  spectra  of  tropolone  and  its  methyl  ether25'26  con¬ 
firms  the  notion  that  tropolone  molecules  exist  as  either  VII  or  VIII 
but  not  as  a  resonance  hybrid  of  the  two.  However,  both  forms  yield 
the  same  anion  and  oxonium  cation. 


Tropolone  anion 


H— 0  O— H  H-0+ 


Oxonium  cation 
(tropolone  in 
acid  sol) 


As  with  carboxylic  acids,  resonance  in  each  of  these  two  ions  is  chiefly 
between  two  equivalent  forms  and  therefore  occurs  to  a  greater  extent 
than  in  tropolone.  Hence  the  resonance  stabilization  of  excited  states 
with  respect  to  ground  states  is  greatest  for  the  ions,  and  the  ultra¬ 
violet  spectrum  of  tropolone  should,  as  it  really  does,22  undergo  a 
bathochromic  shift  in  both  acid  and  alkali.  Moreover,  there  is  only 
a  small  potential  barrier  separating  the  two  tautomeric  forms  of 
tropolone;  even  the  tautomers  of  substituted  tropolones  probably  are 
inseparable.  The  equilibrium  may  be  detectable  in  solution  by 
measurmg  the  spectra  or  dipole  moments  at  varying  temperatures, 
but  this  has  not  been  done  yet.  The  presence  of  two  forms  has 

Doering  876  (1950i  W'  E' 
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been  shown  chemically,  however,  by  isolation  of  two  o-methyl  ethers 
of  /3-methyltropolone. 

The  large  dipole  moment  of  tropolone28  (3.7 ID)  is  much  larger  than 
that  of  carboxylic  acids  (~1.0 D)  and  provides  additional  evidence  of 
the  contribution  from  the  polar  forms  (Vila,  Vllb,  Villa,  VUIb)  to 
the  two  resonance  hybrids. 

It  is  unfortunate  that  the  keto-enol  equilibrium  of  tropolone  is  not 
properly  understood.  That  is,  tropolone  exists  chiefly  in  the  enolic 
form,  while  other  cyclic  vinylogs  of  carboxylic  acids  exist  largely  in  the 
keto  modifications.25 


It  is  found  that  IX  and  X  behave  as  typical  a-diketones,  readily  form¬ 
ing  carbonyl  derivatives  and  quinoxalines,  whereas,  of  course,  tro¬ 
polone  is  inert  in  this  respect.  It  is  difficult  to  conceive  a  single  factor 
that  can  cause  such  a  marked  difference  in  chemical  and  physical 
properties.  It  is  true  that  the  bond  angles  of  VIII  are  more  favorable 
for  the  hydrogen-bond  ring  and  that  VIII  has  one  more  conjugated 
double  bond  than  IX  or  X,  but  these  two  factors  are  expected  to 
amount  to  only  5  kcal  in  favor  of  the  enol  form  of  VIII  which  is  the 
resonance  energy  of  1 ,3,5-cycloheptatriene.  It  is  noteworthy  thaUhe 
resonance  energy  of  tropolone  has  been  found  to  be  28.6  kca  o 
which  about  6  kcal  are  attributable  to  hydrogen  bonding.  This  is 
about  4.6  kcal  greater  than  the  resonance  energy  of  saturated  car- 

boxylic  acids  (24  kcal). 

2*  M.  Kubo,  T.  Nozoe,  and  Y.  Kurita,  Nature,  167,  688  (1951). 
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Even  though  the  existence  of  tropolone  as  an  enol  rather  than  as  an 
a-diketone  has  not  been  explained,  it  has  been  seen  that  all  of  the 
physical  data  can  be  interpreted  to  substantiate  the  same  structure 

and  charge  distribution  for  tropolone. 

Geometric  Isomers.  Considerable  information  about  the  stereocon¬ 
figuration  of  molecules  is  obtainable  from  physical  studies  that  is 
usually  unattainable  by  chemical  methods.  In  paiticular,  much 
attention  has  been  given  to  the  equilibrium  between  cis-trans  isomers 
about  single  bonds.  This  was  discussed  in  detail  with  reference  to 
1 ,2-dichloroethane  in  Sec.  5.2.  A  variety  of  conjugated  molecules  has 
been  studied  by  physical  methods,  from  which  similar  conclusions 
have  been  drawn  generally. 

A  1,3-conj ugated  system  is  expected  to  be  coplanar,  and  due  to 
resonance  among  such  forms  as 

c=c— c=c,  c— c=c— c 

the  C2 — C3  bond  has  a  certain  double-bond  character.  The  strongest 
evidence  of  this  is  the  observed  decrease  in  bond  distance  from  the 
normal  carbon-carbon  single-bond  value.  Moreover,  the  double-bond 
character  of  the  C2 — C3  bond  should  hinder  rotation  about  this  bond 
and  therefore  give  rise  to  geometric  isomerism.  Mulliken29  has  dis¬ 
cussed  the  case  of  1,3-butadiene  quantum-mechanically,  and  termed 
the  two  isomers  s-cis  and  s-trans. 
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His  calculations  indicate  that  the  s-trans  isomer  is  the  more  stable,  and 
although  both  isomers  coexist  at  room  temperature,  the  s-trans  pre¬ 
dominates.  This  is  in  accordance  with  several  experimental  observa¬ 
tions.  Thus  from  Raman  data,30  the  s-trans  isomer  is  found  to  pre¬ 
dominate  at  room  temperature  (although  the  s-cis  isomer  is  the  more 


so  it  ^  Mulliken,  Rev.  Modern  Phys.,  14,  265  (1942). 

v.  Bradacs  and  L.  Kahovec,  Z.  physik.  Chem  B48  6T  11 0401*  T?  q  t> 
mussen,  D.  D.  Tunnicliff,  and  R.  k.  BratWn,  /  Sim A yl.  H,  U9«) 


316 


Structures  by  physical  methods 


[11 


stable  at  —  80°C).  From  electron  diffraction  studies,31  it  was  con¬ 
cluded  that  butadiene  is  essentially  coplanar  and  is  s-trans.  From 
entropy  and  specific  heat  measurements,32  it  was  concluded  that 
1,3-butadiene  exists  in  two  isomeric  forms  at  room  temperature,  which 
differ  in  energy  by  2.3  kcal/mole  and  are  separated  by  a  rotational 
barrier  of  2.6  kcal. 

The  same  preference  for  the  s-trans  form  at  room  temperature  has 
been  found  for  conjugated  aldehydes  and  ketones,  except  where  there 
are  opposing  steric  effects.  For  example,  from  diffraction  studies,33 
glyoxal  and  dimethylglyoxal  were  found  to  exist  primarily  in  the 
s-trans  form.  More  recently,  electron  diffraction  data34  have  provided 
strong  evidence  that  acralaldehyde  and  crotonaldehyde  each  coexist  in 
planar  s-cis  and  s-trans  configurations  in  ratios  of  1 : 3  for  acralaldehyde 
at  35°C  and  1:1  for  crotonaldehyde  at  70°C.  Similarly,  several 
cyclohexene  carbonyl  derivatives  were  found  from  ultraviolet  spec¬ 
troscopy  to  have  the  s-trans  configuration.35  On  the  other  hand, 
steric  requirements  in  phorone  and  mesityloxide  cause  the  s-cis 
isomers  to  be  the  more  stable  at  room  temperature.36 

Penicillins.  A  classic  example  of  utilization  of  physical  methods  for 
elucidation  of  chemical  structure  and  configuration  is  found  in  the 
study  of  the  penicillins.  Ten  or  more  years  had  elapsed  following  its 
discovery  before  much  interest  was  shown  towards  securing  informa¬ 
tion  about  the  chemical  nature  of  penicillin.  Recognition  of  its 
potential  military  importance  in  the  early  1940’s  led  to  a  vast  restricted 
international  experimental  and  theoretical  investigation  of  its  chemical 
constitution  and  methods  for  its  synthesis.  No  less  than  39  American 
and  British  scientific  groups  collaborated  on  this  project,  and  the 
results  have  been  described  in  a  monograph3'  from  which  references  to 
most  of  the  group  reports  are  obtainable.  The  present  discussion 
concerns  only  the  most  significant  physical  studies38  of  the  penicillins 
but  a  detailed  account  of  the  chemical  and  physical  work  accom¬ 
plished  can  be  found  in  the  monograph. 


V.  Schomaker  and  L.  Pauling,  J.  Am.  Chem.  Soc  61,  1769  (1939). 

32  J.*G.  Aston,  G.  Szasz,  H.  W.  Woolley,  and  F.  G.  Bnckwedde,  J.  Chem.  Phys., 

14’  3U.(E4Lu Valle  and  V.  Schomaker,  J.  Am.  Chem  Soc  ( 61,  3520  (1939). 

3<  II  Mackle  and  L.  E.  Sutton,  Trans.  Faraday  Soc.,  4 7,  695  (1 W-  . 

3S  E.  A  Braude  E.  R.  H.  Jones,  H.  P.  Koch,  R.  W.  Richardson,  F.  Sondhenner, 

and  I  B  Toogood,  J.  Chem.  Soc.,  1890  (1949).  „  a  ,,  r  r'hpm 

..  j  B.' Bentley,  K.  13.  Everard,  R.  J.  B.  Marsden,  and  L.  E.  Sutton,  J.  Chem. 

Soc.,  2957  (1949).  .  ....  ,  ,  n  rp  piorke  J  R  Johnson,  and  R.  Robin- 

31  The  Chemistry  of  Penicillin  (ed.  14.  1 .  ^Ke,  rt.  jo 

son),  Princeton  University  Press,  Prince^n’  1 Jr 
38  N.  R.  Trenner,  Anal.  Chem.,  22,  405  (1J50). 
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The  usual  methods  of  organic  chemistry  were  entirely  adequate  for 
determining  the  structures  of  the  degradation  products  of  the  pemci  - 
lins  and  although  physical  methods  were  employed  in  characterizing 
the  degradation  products,  the  latter  methods  were  largely  confirmatory 
in  nature  On  the  basis  of  the  information  at  hand  by  early  1944, 
primarily  chemical  data,  three  alternative  structures  were  held  possible 
by  most  of  the  collaborating  groups.  These  were  referred  to  as  the 
tricyclic  (I),  the  oxazolone  (II)  or  azlactone,  and  the  /3-lactam  (III) 

structures. 


H 

0=C^C4b  VC-(CH,), 

(X  „N - CH-COOH 

R-^H 

I  (Tricyclic) 


N 

R-C^  SCH 


0- 


-HC 

I 

C=0  HN 


c — (0113)2 

CH— COOH 


II  (Oxazolone) 


R j— NH-CH-®''  S''C— (CH,)s 

0=C - N - CH-COOH 

III  (/3-Lactam) 


Benzylpenicillin  (G) 

p-Hydroxybenzylpenicillin  (X) 

A2-Pentenylpenicillin  (F) 
n-Heptylpenicillin  (Iv) 

Amylpenicillin  (or  Dihydro  F) 


It  was  impossible  to  make  an  unequivocal  selection  from  one  of  these 
three  structures  on  the  basis  of  chemical  evidence  alone,  because  as  a 
result  of  molecular  rearrangements  during  chemical  reactions,  any  of 
the  alternative  structures  might  give  the  recovered  degradation 
products.  Hence  some  insight  was  necessary  concerning  the  penicillin 
molecules  while  intact.  This  is  precisely  the  advantage  offered  by 
physical  methods,  for  usually  chemical  changes  do  not  occur  during  the 
experimental  observations. 
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1.  Infrared  spectroscopic  studies.  Soon  after  the  infrared  spec¬ 
troscopic  studies  were  begun  it  was  apparent  that  the  tricyclic  for¬ 
mula  Mas  impossible,  so  that  the  problem  essentially  amounted  to 
trying  to  decide  between  the  oxazolone  and  the  0-lactam  structures. 

In  considering  the  spectra  of  penicillin  and  its  derivatives,  the 
more  direct  information  comes  from  the  bands  associated  with  the 
N  H  and  O  H  bonds  in  the  3-/*  region  and  those  of  double  bonds 
between  5  and  8  /*.  The  absorption  wavelengths  of  methyl  penicil¬ 
linate  and  sodium  penicillinate  are  typical  of  the  significant  absorption 
bands  of  penicillins  in  these  regions  of  the  spectrum.39 

Methyl  benzylpenicillinate .  3.00  n  5.65 /x  5.72  M  5.94  M  6.64  M 

Sodium  benzylpenicillinate .  3.00  5.65  6.20  5.95  6.60 

The  3.0-/*  bands  are  readily  attributable  to  the  N — H  bonds,  and 
the  5.72-/*  band  of  the  ester  and  the  6.2-/*  band  of  the  salt  can  be 
assigned  to  the  respected  C=0  groups.  This  leaves  three  bands  to  be 
accounted  for,  two  of  which  are  in  the  double-bond  region.  This  fact 
quickly  eliminated  the  tricyclic  structure  as  a  possibility  since  it  has 
only  one  double  bond  aside  from  the  above  mentioned  carbonyl  group. 

A  survey  of  the  spectra  of  a  large  number  of  model  5(4)-oxazolones 
of  the  type 

N 

/  \ 

R— C  C— R2 

I  I 
o - c=o 


revealed  that  they  are  typified  by  two  bands,  one  at  5.48  /*  for  the 
C=0  group  and  one  at  5.97  /*  for  the  C=N  group.  Then  too,  an 
examination  was  made  of  the  spectra  of  a  large  number  of  thiazolidine 
compounds  of  the  type 

C-1 

I 

CH 

\ 

X 


HN 


H 

COOH 

COOR 

coo- 


No  absorption  attributable  to  the  ring  was  found  in  the  double-bond 
region  down  to  6.8  /*.  Hence,  the  oxazolone  structure  (II)  could 
account  for  the  5.95-/*  band  of  penicillins  but  not  the  5.62-/*  and  6.6-/* 
bands.  It  remains  to  be  shown  that  the  0-lactam  structure  is  con¬ 
sistent  with  the  spectral  data. 


39  An  infrared  spectroscopic  procedure  has  been  developed  for  quantitative 
analysis  of  mixtures  of  the  five  most  common  penicillins  [R.  B.  Bar^s>  ^  ^or®, 
E  F  Williams,  S.  G.  Linsley,  and  E.  M.  Petersen,  Anal.  Chem.,  19,  620  (1947)1. 
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Inspection  of  the  spectra  of  a  large  number  of  amides  established 
the  fact  that  they  all  have  bands  near  6.0  m  which  can  be  attributed 
to  the  C=0  bond.  In  addition,  unsubstituted  amides  have  a  second 
band  near  6.2  n,  and  monosubstituted  amides  have  a  second  band  near 

6.6  n. 


R— C 


0 


nh2 

6 . 0/x 

6 . 2-6 . 3/u 


R— C 


0 


NHR 

6.0/li 
6 . 6/1. 


O 

R— C 


\ 

nr2 


6.0/li 


The  two  typical  bands  of  monosubstituted  amides  correspond  well  to 
the  5. 95-m  and  6.6-/1  bands  of  penicillins  and  provide  evidence  of  an 
amide-type  linkage  in  the  structures  of  the  penicillins.  Moreover, 
deuterization  of  benzylpenicillin  causes  exactly  the  same  shift  of  its 
6.6-/x  band  as  does  deuterization  of  monosubstituted  amides.  Thus 
the  6.6-ju  band  can  be  assigned  to  a  bending  vibration  of  the  N — H 
bond,  which  shifts  to  6.8  u  for  an  N — D  bond.  It  seems  indisputable, 
then,  that  the  structure  of  penicillin  contains  an  amidic  moiety. 

The  only  absorption  band  of  the  penicillins  unaccounted  for  now  is 
the  5. 65-/i  band.  Simple  /3-lactams  do  not  have  bands  near  5.65-/1,  but 
eventually  three  /3-lactams  with  fused  thiazolidine  rings  were  synthe¬ 
sized,  and  each  was  found  to  have  a  band  at  5.65  n.  This  completes  the 
picture,  with  all  important  absorption  bands  of  the  penicillins  being 
interpreted  in  terms  of  the  /3-lactam  (III)  structure  alone. 


N— H 

0-lactam- 

thiazolidine 

COO"  or 
COOR 

Amide 

Methyl  benzylpenicillinate .... 
Sodium  benzylpenicillinate. . . . 

3.00  M 
3.00 

5.65  M 
5.65 

5 . 72  n 
6.20 

5 . 94  n  6 . 64  fi 

5.95  6.60 

2.  Ultraviolet  spectroscopic  studies.  The  penicillins  exhibit  very 
little  absorption  in  the  ultraviolet  or  visible  regions  that  can  be 
associated  with  any  of  the  chromophoric  groups.  Therefore,  ultra¬ 
violet  spectroscopy  did  not  contribute  any  positive  direct  evidence  for 
the  characterization  of  the  penicillins,  but  it  was  instrumental  in 
solving  the  structures  of  certain  degradation  products  and  thereby 
offered  secondary  data  for  deducing  the  structure  of  the  penicillins, 
lor  illustration,  two  significant  studies  may  be  considered. 
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1  he  actions  of  alcohols  on  the  penicillins  gives  rise  to  a-esters  of  the 
corresponding  penicilloates,  and  in  the  presence  of  alcoholic  mercuric 
chloride  solution,  the  penicilloates  are  rapidly  converted  in  quantita¬ 
tive  yields  into  the  penamaldates. 


Penicilloates 


0  0 

//  w 

R— C  C— R' 

HN-CH - 


HN - CH 
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HCX  C-(CH3)2 
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HS 


(CH3)2 


t 
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Penamaldates  .0  O 

//  W 

R— C  C— R' 

HN-CH— CH=N— CH— COOH 

I 

/c\ 

HS  (CH3)2 

The  penamaldates  are  Schiff  bases  and  accordingly  absorb  strongly 
(Am  ~  18,000)  near  283  m/x.  This  suggests  a  possibility  of  explaining 
the  observation  that  when  mercuric  ion  is  added  to  alcoholic  solutions 
of  the  penicilloates,  a  band  rapidly  develops  in  their  spectra  at  283 
m/x.  This  notion  is  substantiated  by  the  fact  that  model  synthetic 
substances  also  exhibit  the  same  spectroscopic  changes  in  the  presence 
of  alcoholic  mercuric  ions.  On  the  other  hand,  iV-acetylated  pemcil- 
loates  suffer  no  reaction  or  spectroscopic  changes  under  these  same 
conditions,  while  benzylpenicillin  undergoes  a  very  slow  reaction. 
The  latter  fact  was  demonstrated  by  a  very  slow  rate  of  formation  o 
the  283-m/x  band  and  also  by  the  slow  rate  of  change  of  the  optica 
activity.  Furthermore,  if  penicillin  is  allowed  to  stand  with  alco  o 
alone  the  283-m/x  band  does  not  appear  until  mercuric  ion  is  added  and 
then  it  immediately  develops  to  the  same  intensity  as  when  mercuric 
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ion  and  alcohol  are  added  simultaneously.  This  behavior  can  be 
interpreted  as  meaning  that  acylation  stabilizes  the  thiazolidine  ring 
toward  the  action  of  mercuric  ion,  so  that  rupture  of  the  1,2  C— S  bond 
in  benzylpenicillin  could  not  take  place  until  the  N — C=0  group  had 
been  cleaved  by  slow  alcoholysis.  Such  behavior  is  not  compatible 
with  the  oxazolone  structure  but  does  provide  evidence  for  the  /3-lactam 
structure. 

The  Raney  nickel  desulfurization  of  sodium  benzylpenicillinate 
produces  a  product  which  retains  many  of  the  usual  benzylpenicillin 
reactions.  This  justified  the  conviction  that  the  desulfuiization 
product  still  possessed  the  potential  carboxylic  carbonyl  group  present 
in  benzylpenicillin  itself,  so  the  product  was  named  benzyldesthio- 
penicillin.  A  crystalline  A-nitrosoderivative  of  the  methyl  ester  was 
prepared  and  its  ultraviolet  spectrum  measured.  If  the  substance  had 
the  oxazolone  structure  its  nitrosation  product  would  be  an  A-nitroso- 
amine,  and  if  it  had  the  /3-lactam  structure  the  product  would  be  an 
A-nitrosoamide.  A  survey  of  these  two  classes  of  model  compounds 
showed  that  they  are  characterized  by  the  following  absorption  bands. 


iV-nitrosoamine 


360  m/x,  Am  ~  85 
235  mu,  Am  ~  7000 


iV-Nitrosoamide 


425  mju,  Am  ~  100 
405  mju,  Am  ~  100 
245  m^,  Am  ~  6,000 


It  can  be  seen  that  the  two  classes  are  readily  distinguishable  by  their 
spectra.  It  is  interesting,  therefore,  that  the  spectrum  of  the  A-nitroso 


derivative  of  methyl  benzyldesthiopenicillinate  coincides  very  closely 
with  that  of  an  A-nitrosoamide,  with  absorption  peaks  at  425,  405,  and 
248  m fi.  Obviously,  the  assignment  of  a  /3-lactam  structure  to  peni¬ 
cillin  is  correct. 

3.  Dissociation  constants.  It  was  recognized  early  that  benzylpeni¬ 
cillin  does  not  possess  a  basic  group,  and  this  fact  alone  shed  doubt 
upon  the  oxazolone  structure.  On  the  other  hand,  the  /3-lactam 
structure  is  quite  consistent  with  the  titration  data  collected  on 
benzylpenicillin  and  related  compounds.  In  fact,  a  good  estimate  can 
be  made  to  predict  its  dissociation  constant.38  The  pKa  value  of 
benzylpenicillin,  2.77,  corresponds  with  the  dissociation  of  a  carboxyl 
group.  There  are  three  electronegative  groups  in  the  /3-lactam  struc¬ 
ture  which  may  affect  the  pK  value,  namely,  the  sulfur  atom,  the 
lactam  amide,  and  the  side-chain  amide  group.  The  additivity  of 
inductive  effects  has  been  shown  to  be  quite  general,40  so  that  the  pK 
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can  be  estimated  here  by  comparison  with  appropriate  fatty  acids. 
Ihe  effect  of  the  sulfur  atom  of  the  thiazolidine  nucleus  can  be  com¬ 
puted  by  comparing  the  pK’s  of  N- acetyl-thiazolidine-4-carboxylic 
acid  with  that  of  A-acetylglycine. 


0 


II 


ch3— c-nh-ch2—  cooh 

pKa  =  3.6 


pKa  =  2.95 


The  effect  in  terms  of  pK  units  is  therefore  0.6-0. 7.  The  effect  of  the 
acetamino  group  can  be  taken  as  the  difference  between  the  pK’s 
of  acetylglycine  and  acetic  acid,  which  is  about  1.1  unit.  The  effect 
of  the  side-chain  amide  group  should  be  small,  probably  no  greater 
than  0.2  pK  units.  The  resulting  pK  value  should  therefore  be  that  of 
a  fatty  acid,  4.8,  less  the  above  estimated  amounts,  or  4.8  —  (0.7  +  1.1 
+  0.2)  =  2.8.  This  agrees  very  closely  with  the  observed  value 
of  2.77.  A  similar  result  is  obtained  when  such  a  comparison  is 
made  with  the  penicilloates.  Hence  the  /3-lactam  structure  is  again 
substantiated. 

Conclusion.  It  has  been  shown  that  certain  physical  properties  of 
the  penicillins  are  entirely  consistent  with  the  /3-lactam  formulation 
and  that  through  a  combination  of  chemical  and  physical  studies,  it 
was  possible  to  make  an  undisputable  assignment  of  the  structures  of 
the  penicillins. 
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